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A study was made of crystalline rat liver lactic dehydrogenase.
10-13 sec. and 5.8 X 10~7cm.2/sec., respectively, reduced to standard conditions and at infinite dilution.
membrane diffusion cell was developed. The partial specific volume at 0° was 0.745 ml./g.

one calculated from the amino acid composition.  TF
The molecular shape was also estimated from viscosity data.

The sedimentation and diffusion constants were 7.39 X
An ultra-fast
This value agreed well with

The molecular weight was 126,000 and the molar frictional ratio was 1.13.
The isoelectric point was found to be 6.3. Near 0° and in ap-

propriate buffers the enzyme was shown by several tests to be a single homogeneous substance. The results of this study
showed that rat liver lactic dehydrogenase differed in several respects from enzymes of identical function from other sources.

The physical and chemical properties of an en-
zyme not only are necessary adjuncts to the prob-
lems of isolation and identification, but also are
re(i.uwed fora thorough understanding of the meta-
holic processes catalyzed by the protein. This is
seen in the recent advances in enzyme chemistry
that have been accompanied by the isolation and
characterization of individual enzymes. Of con-
siderable interest have been the complex systems of
liver enzymes. There have been isolated crystal-
line catalase and glutamic acid dehydrogenase
from bovine liver and alcohol dehydrogenase from
equine liver,

The purpose of the present study was to isolate
and study the properties of the enzyme, lactic acid
dehydrogenase (LDH), from rat liver. The first
contribution from this study6reported the success-
ful method of isolation, presented data on chemical
constitution, and gave a preliminary treatment of
the kinetics of the conversion of lactate to pyruvate
by the enzyme. The present contribution deals

(1) In part from a tkesis by Edwin O. Davisson submitted to the
Graduate College of the University of Illinois in partial fulfillment of
the requirements for the Ph.D. degree, 1953.

(2) This investigation was aided by research grants from the du Pont
Company to the Department of Chemistry, from the Research Board
of the Graduate College of the University of Illinois, and from the
American Cancer Society.

(3) Special du Pont Research Fellow, 1949-51.
(4) Fellow of the American Cancer Society, 1951-52.
(5) D. M. Gibson, E. O, Davisson, B. K. Bachhawat, B. R. Ray and

S.

Vestllng, J. Biol Chem., 203, 397 (1953).

C.

with the characterization of the crystalline enzyme
and with tests to establish homogeneity. Some
of the methods were based upon assay for activity
and were applied to LD H in the presence of impuri-
ties. Experimental conditions were chosen so as to
avoid denaturation.

Experimental Details

The sedimentation measurements, carried out at tem-
peratures near 0°, were made with a Spinco Model (E)
ultracentrifuge equipped with the Philpot-Svensson optical
system with a diagonal bar. The average speed was deter-
mined by the counter reading. The temperature rise during
an experiment averaged 1° per hour, based upon the initial
and final rotor temperatures. The sedimentation constant
was calculated by the integration method8and was reduced
to water and 20° by the standard equation. The term
1 — VaPow) was 0.2464 with v = 0.755 and the term

1 — Vipt) was calculated for each run utilizing experimen-
tal data. Viscosity corrections were determined by ex-
periment.

Diffusion measurements were made by the porous-disc and
free diffusion methods. For the first method a small volume,
ultra-fast cell was necessary because of the small volumes
available and the danger of loss of enzyme activity over ex-
tended times. A satisfactory cell was constructed with a
membrane thickness of 0.6 mm., a membrane diameter of
30 mm., and a “ buffer side” volume of 3 ml. The mem-
brane was made by grinding down a standard Pyrex me-
dium-grade frit on a lapping wheel. The fragile wafer was
sealed within a flat copper ring with low-temperature glass-
to-metal solder. The two end sections of the cell were ma-
chined of Lucite. The copper ring was clamped between

(6) T. Svedberg and K. O. Pedersen, “The Ultracentrifuge,” Ox-
ford University Press, New York. N. Y., 1940.
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these end sections—each wet with solvent—until firmly
sealed. The cell was of the rotating, double-ended design
and was used in the usual manner7in an ice-bath at 0°.
Calibration was with 0.1 A7KC1 following the recommenda-
tions of Stokes.8 This cell was about ten times as fast as the
ordinary glass-membrane cells and runs on the enzyme re-
quired only a few hours. Assays of enzyme activity pro-
vided the data for calculations.

Free diffusion measurements were carried out at 0.8° ina
Pearson electrophoresis apparatus utilizing the Philpot-
Svensson optical arrangement with a diagonal slit. Bound-
aries were formed in a Tiselius-typo microcell by shearing,
or better, by use of a very fine capillary through which the
protein solution was slowly layered beneath the buffer.
Measurements on the diffusion curves were made from five-
fold enlargements on Kodak Resisto Rapid N-4 paper.9

The diffusion coefficient by the height-area method was
calculated from the mean curves constructed from the two
edges of the gradient curves. The several valuesof 1/H
where Hmis the maximum ordinate, were plotted against
time, t The slope of the straight line so obtained was sub-
stituted into the equation

A2 1
Da = Hg2x KJt

where A was the average area and G was the magnification
factor.* For the weight-average (second moment) diffusion
coefficient a curve was divided into approximately 100 inter-
vals and the upper and lower ordinates recorded for each.D
Summation of these data yielded the standard deviation a
Values of «2were plotted against time and the slope of the
line substituted into

m 2G2X t

The two arms of the cell were in good agreement in all cases.
No skewness was detected in any of the curves.

Densities of solutions were determined with Pyrex pyc-
nometers. To avoid thermal degradation and its possible
effect upon specific volume, all measurements, including
weighings, were carried out in a cold room at 1-2°. The
water thermostat was held at 0.2°. The partial specific
volume V was calculated from

y_1_a~-wW o
P p2 dw

whore p and W are the solution density and weight per cent,
protein, respectively.

Electrophoretic measurements were made at 0.8° in the
Pearson apparatus utilizing Tiselius-type cells and shear
boundaries. The scanning technique of Longsworth was
used. The pH values were measured at 25° and not ex-
trapolated to 0.8C. Conductances were those of the equili-
brated buffers at 0°.

The solutions of crystalline native enzyme used in the
physicochemical studies, unless otherwise specified, had
been exhaustively dialyzed at 2° against phosphate buffer
(0.0323 mole of KHP04and 0.00323 mole of KHZ2P 04 per
liter, pH 7.8, ionic strength 0.1). The equilibrated buffers
were used along with these solutions. Protein concentra-
tions were estimated by assay of enzyme activity and spec-
trophotometrically by the absorption at 280 mp, both re-
ferred to the carefullﬁ established dry weight of the protein.
Details are given in the earlier paper.6

Results

Sedimentation.—Enzyme preparations of low purity
showed three apparent components in sedimentation with
reduced Svedberg constants of 6.8, 5.0 and 2.8. Proof that
the enzyme activity was associated with the 6.8 component

(7) L. Friedman and B. R. Ray, T his Journai, 46, 1140 (1942).

(8) R. H. Stokes, J. AM Chem. Soc., 72, 763 (1950).

(9) This photographic paper can be highly recommended for mak-
ing enlargements of sedimentation and diffusion patterns. It has a
specially treated, water-resistant base which permits a very short
drying time (10 minutes) and which allows extremely small dimensional
changes. Enlargements on Resisto paper were compared with those on
ordinary paper and with enlarged tracings made directly from the
negatives.

(10) The authors gratefully acknowledge the assistance of Mr. Wal-
lace R. Deason in making these calculations.

The first were the most reproducible and convenient.
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was furnished by carefully sampling the cell after a run and
comparing the specific enzyme activities (units of enzyme
activity per unit total protein) of the original solution, su-
pernatant solution, and gelatinous sediment. The Sved-
berg analytical separation celléwas applied to a number of
preparations, particularly in the early stages of the isolation
work. The results, based upon enzyme assays of the por-
tions above and below the barrier, correlated fairly well with
the later optical observations.

The sedimentation behavior of the crystalline enzyme
was uniform and relatively simple throughout the concentra-
tion range investigated. All the sedimentation patterns
were single peaks, very symmetrical and showing no evi-
dence of more than the one component. Although optical
observation of sedimentation on solutions more dilute than
0.4% was not made, there was evidence that the protein re-
mained stable at low concentrations. Runs in the separa-
tion cell in which the protein was very dilute (as well as
mixed with impurities) gave approximately the same sedi-
mentation constant. The lack of skewness in the sedimen-
tation curves indicated that the dilute solution forming the
trailing edge was apparently sedimenting at the normal rate.
The glutamic dehydrogenase from beef liver isolated by
Olson and Anfinsenllmakes an interesting contrast since in
this case a pronounced skewness was observed because of
dissociation (or change in shape) in dilute solution.

The sedimentation constant was concentration depend-
ent, increasing with dilution. For the concentration range
studied, 0.4 to 1.5%, the relationship was entirely linear
and extrapolated to an shwof 7.39 X 10“13sec. at infinite
dilution.2 The equation for the line was caw X 10B =
7.39 — 0.38c where cwas in g./100 ml.

A sensitive test for homogeneity, as well as for the detec-
tion of boundary disturbances, is to compare the boundary
spreading obtained in a sedimentation experiment with the
theoretical spreading expected for an ideal homogeneous
substance with a known diffusion coefficient. Calculations
were carried out6for a typical run, and in Fig. 1four experi-
mental curves are compared with the theoretical curves to
be expected for an ideal homogeneous substance. The
very good agreement gave assurance that crystalline LDH
under the given conditions was homogeneous with respect
to size and shape.

Diffusion.—The porous-disc method was alone applicable
for diffusion measurements on impure enzyme preparations.
Early in the isolation work, using very dilute solutions, it
supplied data which permitted a good estimate to be made
of the molecular weight of the enzyme. It was valuable
in giving information upon possible interaction effects with
impurities (none was observed) and in proving that the en-
zymatic activity was associated with a single diffusing spe-
cies. The average value of the reduced diffusion coefficient
Dawfrom runs made at several ionic strengths and enzyme
concentrations and in different buffers was 5.3 + 0.5 X
10-7 cm.2/sec. This value agrees well with the free diffu-
sion data for the crystalline enzyme and substantiates the
fact that the enzyme activity is the unique property of the
protein isolated.

Free diffusion measurements on the crystalline enzyme
gave the values presented in Table I. The increase of rate
with dilution was consistent with that observed in sedimen-
tation and suggested molecular interaction due to size and
shape factors, typical of many proteins.

The diffusion curve of a homogeneous, ideal diffusing
substance has the form of the normal probability curve, and
for such a substance Da and Dm should be the same.
Curves of mixtures are more pointed than the normal curve;
and, due to the fact that Da is sensitive to the height of the
curve, the ratio Dm/D a can be used as a measure of poly-
dispersity. For LDH this ratio was 1.03 at a concentra-
tion of 1.2% and is believed to indicate the essentially homo-
geneous character of the protein. The use of this ratio
has been recently emphasized by CharlwoodBBwho obtained

(11) J. A. Olson and C. B. Anfinsen, J. Biol. Chem., 197, 79 (1952).

(12) In order to compare accurately the sedimentation constants
obtained in different laboratories, Taylor [Arch. Biochem. Biophys., 36,
35 (1952)1 has made the suggestion that, for the present, the data be
accompanied by the sedimentation constant obtained for a standard
protein in the same apparatus. We obtain 4.21 d= 0.03 S for sm.w for
Armour crystallized bovine serum albumin. Control lot 284-8, at
0.9% concentration. This value differs by 2.6% from that of Taylor.

(13) P. A. Charlwood, This Journal, 57, 125 (1953).
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Fig. 1.—Comparison of actual and theoretical boundary
spreading of LDH in sedimentation. The solid curves,
right to left, were traced from enlargements of the photo-
graphs taken at the following times and bar angles: 20
min. (60°), 44 min. (60°), 84 min. (50°) and 122 min. (45°).
In making the tracings the upper edges of the transparent
bands on the photographic negatives were utilized. The
open circles are points on the theoretical boundary curves
for an ideal homogeneous substance calculated from the
experimentally determined values of s and D (4.56 X 10 _u
sec. and 3.32 X 10~7cm.2Zsee.). The diffusion coefficient
was corrected in each theoretical curve for the influence of
the centrifugal field.

a ratio of 1.04 for crystalline serum albumin. A more sen-
sitive and detailed test of the diffusion behavior, however,
is to normalize the experimental curve and compare it with
the normal probability curve. This is shown for a repre-
sentative case in Fig. 2. Although quite symmetrical, the
experimental curve does show some anomaly at the peak.
This may be due to the concentration dependence in diffu-
sion, a slight inhomogeneity, or both.

Partial Specific Volume.—The densities of the solutions
are given in Table Il1. A plot of density VS weight per cent,
gave a straight line with a slope dp/'dio of 0.002526. (There
appeared to be a barely perceptible tendency for this slope to
decrease with increasing concentration. More extensive
density measurements would be necessary to confirm this.)
Substituting the data into the equation given earlier yielded
the partial specific volumes listed in Table Il. By apply-
ing the customary temperature coefficient of 0.0005 per
degree64 VW Wwas calculated to be 0.755 ml./g.

The specific volumes of many simple proteins are in the
range of 0.72 to 0.74 although values of 0.68 and 0.76 have
been found for gelatins and a human gonadotropin,’6
respectively. The specific volume should theoretically be
equal to the sum of the volumes of the component groups
and atoms, with allowance for interaction effects. Cohn
and EdsallT7 have shown how the volume fractions of the
amino acid residues in a protein may be summed to yield a
calculated specific volume. Recently McMeekin and Mar-
shall,B having assembled the most recent data on 19 pro-
teins, compared the specific volumes as calculated by the
above method with experimental values. The agreement
in nearly every case was excellent. Apparently interaction
effects are quite negligible.

The nearly complete (93.5%) amino acid composition of
crystalline LDH has been given.5 When the volume con-
tribution of each amino acid residue was calculated and the
sum of these divided by 0.935, a specific volume of 0.755
was obtained. The agreement with the experimentally
derived value of 0.755 is a further substantiation of the
method of Cohn and Edsall. The unusually high specific
volume of LDH is due to the large proportions of leucine,

(14) D. M. Greenberg, “Amino Acids and Proteins/' Chapter VI,
C. C Thomas, Springfield, Illinois, 1951.

(15) K. Krishnamurti and T. Svedberg, J. Aw. Chem. Soc., 52,
2897 (1930).

(10) H. P. Lnndgren, S. Gurin, (. Bachman and D. W. Wilson, J.
Biol. Chem., 142, 367 (1942).

(17) E. J. Cohn and J. T, Edsall, “Proteins, Amino Acids, and Pep-
tides,” Reinhold Publ. Corp., Inc., New York, N. Y., 1943.

(18) T. L. McMeekin and K. Marshall, Science, 116, 142 (1952).
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Fig. 2.—Comparison of the experimental free diffusion
curve of LDH with the normal probability curve. The
solid line is the normalized experimental curve. The
open circles are calculated points on the normal probability
curve.

isoleucine, valine and lysine and the relatively small pro-
portions of glycine and cystine.

Viscosity Measurements.— Measurements were made at
0° using an Ostwald microviscometer constructed for the
purpose. Repeated determinations were constant, there
being no evidence of surface denaturat.ion or adsorption
onto the walls of the capillary. The absolute viscosities
of a solution of crystalline LDH, containing 0.34 g. per 100
ml., and its equilibrated phosphate buffer were 0.018439
and 0.018199 poise, respectively. The specific viscosity
increment, 1.€., the specific viscosity of a 1.0% solution,
was 0.039. This last value permits a comparison of the
“thickening effect” of different proteins on a weight basis.
For instance, ovalbumin and serum albumin have values
of 0.047 to 0.05 as calculated from the data of Poison.19
The low increment for LDH may reflect the relatively low
dissymmetry factor calculated for this molecule in the next
section.

Molecular Weight and Shape.—From the determined
values of the sedimentation constant, diffusion coefficient,
and partial specific volume, the molecular weight of LDH,
calculated by the Svedberg equation, was 126,000. This
was, of course, representative of the undenatured enzyme
in phosphate buffer at a temperature near 0°.

The molar frictional ratio///Owas found to be 1.13  This
is a lower value than found for most proteins,6 4 especially
in this and higher ranges of molecular weights, and indi-
cates a low degree of asymmetry and/or hydration. Follow-
ing the procedure of Oncley,2¥//o0 can be represented as the
product of two factors///eand/c//o, the first representing
the influence of hydration and the second the influence of
asymmetry. Kramer has shown6that the hydration factor
is related to the grams of water per gram of protein, I, by

in which pois the density of water. The maximum possible
degree of hydration for LDH would make ///eequal :0 1.13
and would lead to a value of 0.34 for . On the other hand,
if the entire molar frictional ratio is laid to asymmetry,
— 1.13. In the equations of Perrin6 this value would
represent axial ratios (@/b) of 3.3 and 3.5 for prolate and
oblate ellipsoids of revolution, respectively. Thus, it
appears from sedimentation and diffusion data that the
molecular shape of this protein can be represented as some-
thing between a sphere hydrated to the extent of 34% and
an ellipsoid with an axjal ratio of 3.4. The ellipsoid would
have a diameter of 60 A. and a length of 200 A.
An empirical equation has been proposed by Poison6 re-
lating the specific viscosity of a protein solution and the axial
ratio of the molecules. It has the form

.9 = 47 + 0.098GW6)2

where G is the anhydrous volume of protein per ml. of solu-
tion, L.e., the concentration multiplied by the specific vol-
ume. This equation has given very good agreement for

(19) A. Poison, Kolloid Z., 88, 51 (1939).

(20) J. L. oncley, Ann. N. Y. Acad. Sei., 41, 121 (1941).
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many proteins which were not too asymmetric in shape.
When the experimental data for LDH were substituted, the
ratio a/b was found to be 3.4. This result serves as a fur-
ther substantiation of the Poison relationship.

More recently Simha2l has developed a theoretical rela-
tionship between the “viscosity increment” (which for our
purpose may be defined as being approximately equal to
»i,,p[G with a value of 5.16) and the axial ratio of unoriented
ellipsoids. Graphical solutions of the equation can be
utilized and for LDH the ratio was found to be 4.5 for
the unhydrated ellipsoid, or, alternatively, for the sphere
the degree of hydration was 75%. The shape factors of
LDH determined from viscosity and density data can be
said to agree fairly well with those determined from sedimen-
tation and diffusion. The agreement is about that found by
Mehl, Oncley and Simha2 for several proteins in the same

range. In particular, the shape and degree of hydra-
tion of LDH appear to be similar to those found for egg al-
bumin.

Electrophoresis.—Solutions of the crystalline enzyme
migrated as single, symmetrical peaks in the electrophoresis
apparatus at 0.8° over a pH range from 5.8 to 7.8 in potas-
sium phosphate buffers of 0.1 ionic strength. Two runs
are reproduced in Fig. 3. The variation of mobility with
pH is plotted in Fig. 4. The isoelectric point was found to
be 6.3.

Fig. 3.—Electrophoretic mobilities of crystalline LDH.
The number below each peak is the elapsed time of migra-
tion in minutes: A, mobility toward the cathode at pH 5.8
(u = +0.49 X 10-6 cm.2v./sec.); B, mobility toward
the anode at pH 7.8 (w = —0.53 X 10-5 cm.2v./sec.).

pH.

Fig. 4.—Electrophoretic mobility (cm.2v./sec. X 10 6 as a
function of pH.

(21) R. Simha, This Journalt, 44, 25 (1940).
(22) J. W. Mehl, J. L. Oncley and R. Simha, Science, 92, 132
(1940).
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Tabre |
D iffusion Coefficients of Crystalline LDH
Values Reduced to 20° and Water
Diffusion coefficient,
Prot3in concn. cm.tysec. X 107
g./100 ml. Da Dm
1.23 5.42 5.60
0.33 5.72
0.00 5.82 (extrapolated)
Tabre Il
D ensities and Partial Specific Volumes of Crystalline
LDH
In Phosphate Buffer at 0.2°
Partial
Density, specific voi.,
Wt. % protein g./ml. ml./g.
0 1.00541
0.164 1.00588 0.745
.323 1.00629 .745
.780 1.00737 .746
Discussion

Crystalline rat liver LDH appeared to be a
single homogeneous protein as tested by electropho-
retic, sedimentation and diffusion procedures under
conditions designed to minimize denaturation. A
partial solubility test5 also supported this conclu-
sion. The physico-chemical behavior was typical
of a simple %Iobular protein. A future report will
deal with the results of electrical heterogeneity
tests and a more thorough investigation of the kin-
etics.

From sources other than liver three crystalline
lactic acid dehydrogenases have been obtained and
in the case of one, the Straub preparation from beef
heart,Z3 several physical properties have been re-
ported. It showed two electrophoretic compo-
nents, both of which migrated toward the anode
over tie pH range 5 to 7.24-26 Isoelectric points
determined by extrapolation were 4.5 and 4.8.%
These findings are in contrast with rat liver LD H
which migrated as a single component toward the
cathoce at pH 5.8 and which was isoelectric at pH
6.3.

The sedimentation and diffusion characteristics
of the enzY.me from beef cardiac muscle and that
from rat liver can be compared. Meister2d re-
ported sowvalues of 6.48 and 6.36 S for two prep-
arations from heart and estimated a molecular
weight of 100,000 to 150,000. He gave the con-
centration of his first pref)aration as 0.9% protein.
The value of s2ow of rat liver LDH is found to be
7.05 sat0.9%. The difference in the sedimenta-
tion constants exceeds any probable experimental
errors. Neilands® found sdto be 7.0 Sand Dmto
he 5.3 X 10~7cm.2Zsec. for a preparation from beef
heart. In neither case did he specify the medium
or the protein concentration. Assuming, however,
that these values were corrected to water and that
the protein concentration was 1% then they agree
closely with our values of 7.0 S and 55 X 10 7

(23) F. B. Straub, Biochem. J., 34, 483 (1940).

(24) A. A. Meister, J. Biol. Chem., 184, 117 (1950).
(25) J B. Neilands, Science, 115, 143 (1952).

(26) J B. Neilands, J. Biol. Chem., 199, 373 (1952).



Oct., 1953 Rat Liver Lactic Dehydrogenase G13

cm.2sec. Neilands calculated from his data a retie behavior of crystalline aldolase isolated from
molecular weight of 135,000.27 the skeletal muscle of the rat and rabhit.8 The

The data at hand indicate that rat liver LD i methods for isolation of an enzyme may alter the
may differ with respect to several physical prop- nature of the hnal products. The method for prep-
erties from enzymes of apparently identical func- aration of liver LDH employed ethanol at tempera-
tion in other species and tissues. A similar situa- tures at or below 0° while the isolation procedure

tion was demonstrated in the different electropho- from beef heart incorporated acetone with several
instances of exposure to temperatures in excess of

27) We do not obtain a value of 135,000 from the data presented un- 10°.23
less an improbably high density of the medium is assumed. If the
calculation is made assuming the density to be 1.000, the molecular (28) J. F. Taylor, A. A. Green and G. T. Cori, J. Biol. Chem., 173,

weight becomes 124,000. 591 (1948).
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The dénaturation of ovalbumin by surface active ions is investigated by streaming birefringence and by light scattering.
Several cationic agents are shown to denature the protein rapidly at room temperature yielding solutions which show intense

streaming orientation.
creasing degree of aggregation.

The denatured protein aggregates, but, the rotary diffusion constant decreases only slowly with in-
The results are in accord with the picture previously; developed for the dénaturation of

ovalbumin under other conditions, namely an unfolding to yield rods of length about 600 A. followed by an essentially lateral

aggregation.
going the unfolding step as a consequence of aggregation.

Alternatively it is suggested that swelling might occur, the swollen molecules then aggregating and under-
With surface active anions there is no development of streaming

birefringence unless the solutions are heated to a temperature sufficient to cause heat dénaturation.

In previous communications in this series2it has
heen demonstrated that ovalbumin denatured by
heat or by urea yields streaming birefringence and
these results have been interpreted on the basis of
an unfolding of the native protein molecule to yield
essentially rods of molecular length about 600 A.
In those studies aggregation of the denatured mole-
cules was shown to be a complicating factor in the
interpretation of the results. Under only a few
selected conditions did aggregation appear to be
negligible, notably at pH 2-3 in the absence of buf-
fer ions.

It is well known that surface active ions are
bound tenaciously b)(, and exert a denaturing ac-
tion on, proteins.3 The hinding of anions on the
alkaline side of the isoelectric point or of cations
on the acid side should enhance the coulomb charge
repulsion between denatured protein molecules and
thereby repress aggregation. In preliminary ex-
periments this did indeed appear to be so.4 How-
ever, in those experiments the denaturation may
ﬁroperly be considered as heat denaturation, per-

aps modified to some extent by the surface active

ions. Fredericg5has demonstrated streaming bire-
fringence in ovalbumin denatured by anionic deter-
Fents but the large magnitude of the calculated
engths together with the obvious heterogeneity of
the systems makes it clear that aggregation was a
predominant factor in those studies. In this in-
vestigation attempts have been made to minimize
aggregation by denaturing at room temperature in
the presence of detergentand anindependentmeas-
ure of aggregation has been obtained through the
use of light scattering measurements.

Experimental

Ovalbumin.—The ovalbumin was prepared from fresh
eggs by ammonium sulfate crystallization using the well
known procedure of SOrensen and HOyrup. All preparations
were recrystallized at least twice.

(1) Journal paper Number J-2264 of the lowa Agricultural Experi-
ment Station, Ames, lowa. Project 978. Supported in part by a
grant from Swift and Company. Taken from a thesis presented by
G. F. Hanna to the Graduate Faculty in partial fulfillment of the re-
quirements for the degree Master of Science, lowa State College,
1952.

(2) (a) J. F. Foster and E. G. Samsa, J. Am. Chem. Soc., 73, 3187
(1951); (b) E. G. Samsa and J. F. Foster, ibid., 73, 3190 (1951);
(c) J. F. Foster and E. G. Samsa, ibid., 73, 5388 (1951).

(3) This subject has been reviewed by F. W. Putnam, Adv. Protein
Chem., 4, 79 (1948).

(4) J. F. Foster and E. G. Samsa, Science, 112, 473 (1950).

(5) E. Fredericq, Bull. soc. chim. Belg., 56, 223 (1947).

Streaming Orientation Measurements.—The instru-
ment used in this study consists of concentric stainless steel
cylinders with a gap width of 0.05 cm. and has been used in
the experimental work reported in previous papers of this
series.2 Readings of the four minima in each sense of rota-
tion were made at each gradient chosen in the range 1180-
5880 sec.-1 (180-900 r.p.m.), and average values used in
calculating the extinction angles (x). The magnitude of
birefringence (A) was measured over the same gradient range
in the usual fashion.

Lengths of the solute particles were calculated using the
data of Schcraga, Edsall and Gadd6and the modified Perrin
equation? relating length and molecular weight to the ro-
tary diffusion constant function, yd/T.

Light Scattering Measurements.—The instrument used
consists of a modified Zeiss Pulfrich photometer described
by Rhees and Foster.8 The green mercury line (X = 5461

A.) was used. The value of &y/aC for ovalbumin was
found to be 0.185, hence H{ = 32"W3nZdy/dc)23NX4 was
assigned the value 3.76 X 10-6.

Several readings were taken at each of three angles, 45,
90 and 135°, averaged and corrected for solvent scattering.
Turbidity data calculated from the 90° readings were
plotted in the usual H c /+ V&rSUB C plot and extrapolated to
zero concentration.

Preparation of Solutions.—The major portion of the work
reported here involves denaturation of ovalbumin in slightly
acid solution. Since the denaturing agent contains nitro-
gen, the application of Kjeldahl nitrogen analysis must be
made prior to the addition of the detergent to obtain a
measure of the protein concentration. An attempt to re-
move the detergent by continuous flow dialysis was unsuc-
cessful. Clarification was found to be most satisfactory
where the protein solution was subjected to filtration
through fine sintered glass followed by centrifugation
(20,000 g) for 1-2 hours. Preliminary experiments indi-
cated that filtration of the detergent-protein solution alone
was not sufficient to yield reliable results.

Weighed amounts of crystalline ovalbumin were dissolved
in redistilled dust-free water and calculated amounts of clari-
fied 0.1 N hydrochloric acid added. The resultant solutions
were freed of traces of insoluble protein by filtration through
a Corning fine sintered glass disc under pressure. The
concentration of soluble protein was determined using the
Pregl micro Kjeldahl analysis for nitrogen (15.75% N in
ovalbumin).9

Sufficient  Zephiran  (alkyldimethylbenzylammonium
chloride) was then added to give the desired detergent-
protein ratio. When necessary further clarification of the
denatured solution was achieved by centrifugation (20,000
g) for 0.5-2.0 hours.

For the light scattering measurements two methods of
preparation of the dilution series were attempted and dis-
carded as being too prone to random error. The first, that
of dilution of a concentrated solution with clarified solvent,

(6) H.A. Scheraga, J. T. Edsall and J. O. Gadd, Jr., J. Chem. Phys.,
19, 1101 (1951).

(7) G. F. Hanna, J. F.
Biophys., 44, 15 (1953).

(8) R. C. Rhees and J. F. Foster, lowa State College J. Sei., 27, 1
(1952).

(9) G. R. Tristam, Adv. Protein Chem., 5, 137 (1949).

Foster and J. T. Yang, Arch. Biochem.
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was discarded since any accidental contamination
appears most prominently in the most dilate sam-

ple of the series. The second method, that of addi- .10
tion of concentrated protein solution to clarified
solvent was more satisfactory. This method also
suffers, however, from the mechanical transfer of X
atmospheric dust during the several additions of
solution. o}

The method of choice was the preparation, by
dilution, of all the desired concentrations in 50-cc.
centrifuge tubes. The diluting solvent was ad-
justed to ionic strength 0.02 with sodium chloride. 0
This ionic strength was adopted on the basis of
considerations previously presented. 18 The sam-
ples were then centrifuged free of foreign particles
anlcli transferred to the semi-octagonal scattering
cells.

For streaming birefringence, 10 ml. of the de-
natured solution was diluted with 95% glycerol to
yield a solution containing 80% (by weight) glyc-
erol. These solutions were degassed by evacuation
(water aspirator) for several minutes and imme-
diately transferred to the cylinders of the flow birefringence
instrument. The use of an antifoam agent (decyl alcohol)
was found to be necessary only for solutions containing a
high detergent concentration.

Results

Comparative Behavior with Cationic and Anionic Agents.
—In view of the previous finding that there exists a minimum
in aggregation tendencies at pH 2-3 it was of particular in-
terest to carry out experiments in this range using cationic
agents. For this purpose Zephiran (alkyldimethylbenzyl-
ammonium chloride where alkyl is largely dodecyl) was se-
lected. As will be seen below this reagent is quite effective
in yielding denaturation and streaming birefringence at
room temperature. It was of interest, however, to make
comparative studies using anionic detergents. In this
case precipitation occurs on the acid side of the isoelectric
point so that experiments were confined to the pH range 7 to
9. In a large number of such studies no development of
flow birefringence has been observed unless the solutions
were subjected to a sufficiently high temperature to cause
heat denaturation in the absence of detergent. The results
of these studies will be the subject of another communica-
tion. The contrast in the action of the cationic and anionic
reagents on ovalbumin at room temperature is striking and
will be considered further in the discussion.

Action of Zephiran at pH 3.0—A clarified 2.4% solution
of ovalbumin at pH 3.0 was adjusted to a detergent-protoin
ratio of 0.30 with Zephiran and allowed to stand in a closed
container at room temperature (28 + 3°). Aliquots were
removed for light scattering and flow birefringence measure-
ments at 15, 120, 260 and 630 hours after mixing. The re-
sults demonstrate (Fig. 1) some aggregation, the particle
weights essentially doubling over the period studied. The
streaming orientation data shown in Fig. 2 indicate that
these four samples, although slightly heterogeneous as
shown by the downward trend in length with increasing
gradient, gave very similar length distributions. However,
the reduced birefringence suggests an increase in the propor-
tion of orientable protein with increasing time of standing.

Extrapolation of the experimentally observed light scat-
tering dissymmetry values to zero concentration yielded
intrinsic dissymmetries (Z) which are also summarized in
Fig. 1.

In the absence of detergent the experimentally deter-
mined molecular weight of ovalbumin was 45,500. An es-
timate of the particle weight only 20 minutes after the addi-
tion of detergent was obtained in the following manner.
Calculated amounts of Zephiran were added to each cell
to give a detergent to protein ratio of 0.30, mixed and tur-
bidities read. Under such conditions a value of 95,000 was
obtained, indicating an approximate doubling of particle
size. However, 20 minutes was not sufficient contact time
to show measurable birefringence.

To test the effect of concentration on the streaming bire-
fringence results a stock solution was prepared, denatured
as above and run first at 0.33% protein. Dilutions of 0.16
and 0.08% were prepared and run. Lengths calculated at

(10) T. F. Foster and R, C. Rhees, Arch. Biochem. Biophys., 40, 437
(1952).
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0.2 0.4 0.6
Protein concentration, g./ml. X 102

Fig. 1.—Effect of variation in the time of Zephiran denaturation

on the light scattering dilution series curves; temp., 25°;
ratio, 0.30; pH 3.0; ionic strength, 0.02.
A 0 \Y4 O
Time, hr. 15 120 260 630
Intrinsic dissymmetry, Z 1.40 1.32 1.22 1.25

the various gradients agreed to within 20% at the lowest
gradient and 5% at the highest. The agreement in Allc
was similar.

Comparison of samples denatured at various Zephiran:
ovalbumin (D: P) ratios showed no gross effects due to this
variable. There appeared to be a minimum in length near
0.3% and this ratio was arbitrarily adopted for further
study.

One sample was allowed to stand in the cold room (3°) at
pH 2.5, D:P ratio 0.30, for five days before measurable
birefringence could be obtained. At this time the particle
weight was found to be 330,000, the dissymmetry only 1.10.
This sample yielded good streaming birefringence but ap-
peared to beoquite heterogeneous, the lengths ranging from
1200 to 500 A. over the gradient range 1180 to 5880 sec.-1.

°d 1000
800
600 2
1 3 4 6 8 9
GV/T.

Fig. 2.—(a) Dependence of reduced birefringence on
velocity gradient for ovalbumin samples denatured for
varying lengths of time at room temperature. D:P ratio,
0.30; pH 3.0; in the absence of salt. Glycerol (80%) added
for streaming birefringence measurements. Time in hours:
A 15; 0,120; V, 260; O, 630. (b) Dependence of length,
calculated on the basis of rigid prolate ellipsoidal model,
on velocity gradient. Conditions as in (a). Time in hours:
A 15; O, 120; V, 260; Q 330.

Effect of Heating.—The data summarized in Table | show
the effect of heating a protein-Zephiran complex first de-
natured by standing at room temperature for 15 hours.
Surprisingly only one hour heating at 37° effects a substan-
tial reduction in aggregation with no reduction in streaming
birefringence. There appears to be a significant improve-
ment in homogeneity of the system as evidenced by a greater
constancy in length at the various gradients and more im-
portant in the much greater constancy of the reduced bire-
fringence. The sample heated for one hour at 100° under-
went drastic disaggregation and probably also hydrolysis.
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Table |

E ffect of Heating Ovalbumin-Zephiran Complex”

Length
AffC \&/T (A Afft

Treatment

Control, 15 hr. at room

temp. 120-250 1.28-2.54 730-580 167,000
15 hr. room temp., then

1 hr. at 37° 218-236 0.80-1.13 800-690 83,000
15 hr. room temp., then

1 hr. at 100° Birefringence very weak

“ The streaming birefringence results are expressed as a
range over the velocity gradients covered. 6The molecular
weights given in this and the following tables correspond to
the values for protein alone without consideration of the
bound detergent.

Behavior at pH 3 in the Absence of Detergent.—It was
of interest to observe the effect of standing at room tem-
perature and pH 3.0 on the properties of ovalbumin. Un-
der such conditions a pronounced aggregation was observed,
the particle weights being 45,500 at 12 hours, 250,000 at 96
hours and 670,000 at 240 hours. The intrinsic dissym-
metries showed a marked increase, being 1.10, 1.93 and 2.12
at these same intervals. However, it is of significance that
none of the samples yielded measurable streaming bire-
fringence.

Effect of Zephiran near the Isoelectric Point.—A few ex-
periments were performed in which Zephiran was added to
isoelectric ovalbumin, yielding solutions of pH 4.2-4.4.
Some results are summarized in Table II; in these experi-
ments the protein concentration was 1.9%, the D:P ratio
0.30. The extent of aggregation was comparable to that
obtained at pH 3.0 and good streaming birefringence was
developed. The systems appeared to be considerably more
heterogeneous than at pH 3, however, as judged by the
greater spread in lengths and in reduced birefringence.
Furthermore, the mean particle length appeared to be con-
siderably greater in all cases than at the lower pH.

Table Il

Action of Zephiran on Essentially Isoelectric Oval-

bumin at Room Temperature

Time of Length

standing AHO vS/T (a.) M z
Control No measurable birefringence 85,000 1.10
2 hr., pH 4.2 189-263 0.36-0.61 1140- 950 238,000 1.18
24 hr., pH 4.3 110-157 .15- .30 1550-1200 300,000 1.62
72 hr., pH 4.3 135-194 .12- .30 1700-1200 385,000 1.45

Effect of Buffer lons.—It was desirable to attempt to
buffer the protein-detergent, systems near pH 3. For this
purpose glycine buffer systems were selected. Table 111
summarizes some results in such systems at two buffer con-
centrations. The high ionic strength definitely promotes
aggregation; however, it is of interest that the lengths ob-
tained by streaming birefringence are not greatly different
from those obtained in the absence of buffer.

Table Il

Action of Zephiran on Ovalbumin at pH 3 in the
Presence of Glycine Buffer

Length,

Conditions AffC vO/T (A) M z
0.07 M glycine,

2 hr. 214-278 0.63-1.1 940-760 267,000 1.20
0.035 M glycine,

2 hr. 242-322 .80-1.2 850-730 340,000 1.13
0.07 M glycine,

24 hr. 296-415 .62-0.97 885-730 1,250,000 1.40
0.035 M glycine,

42 hr. 161-298 .51-0.86 960-775 1,000,000 1.43

Results with Other Cationic Agents.—Comparative ex-
periments were carried out with several surface active
agents of the cationic type. Table IV summarizes data ob-
tained with two of these which yielded results in good quali-
tative agreement with those given by Zephiran. Another
reagent, dodecyltrimethylammonium chloride,11 however,

(11) Arquad 12, Armour and Company,
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yielded anomalous results. The extinction angles were near
0° and increased with increasing gradient. The sign of the
birefringence was negative in contrast to the positive bire-
fringence found in all other cases. These results suggested
the presence of at least two orientable components of oppo-
site sign of birefringence. Accordingly measurements were
made on the detergent alone and as expected low extinction
angles with negative birefringence were observed. It
would appear that this particular detergent is less strongly
bound by the protein and forms larger or more asymmetric
micelles under the conditions used than the other agents.
None of the other surface active agents yielded any measur-
able birefringence in the absence of protein.

Table IV
Results with Cationic Agents Other than Zephiran
ro;—ri\mteenitp,, ¢
hr. pH A/fC NQY/T Length, (A))
Cetyldimethyl-0-phenylethylammonium bromide
2 2.7 52-194 1.54-4.15 700-415
72 2.4 210-335 1.12-1.73 780-680
Dodecylammonium chloride
48 2.2 152-333 2.42-4.57 600-490
72 ' 25 128-309 1.68-3.37 680-540

Measurements on a fifth cationic agent, cetylpyridinium
bromide, were inconclusive because of the relatively low
solubility of the reagent.

Discussion

It is clear the Zephiran under the conditions em-
ployed does not prevent aggregation of ovalbumin
on the acid side of the isoelectric point, particularly
in the presence of other ions. No solutions have
been found, under these or other conditions, which
yield streaming birefringence in the complete ab-
sence of aggregation. The question then arises as
to whether any molecular significance can be at-
tached to the rotary diffusion constants so derived.

In Fig. 3 there are plotted lengths computed
from streaming birefringence results as ran%es of
values obtained from 1960 to 5880 sec.-1. The in-
d_eFendent variable here is the weight-average par-
ticle weight as determined by Il?htscatterlng. The
striking result is that there is little increase in the
observed length distribution as a?gregatlon in-
creases. Further, the observed values are very
similar to those obtained in heat dénaturation and
urea dénaturation.2 The simplest conclusion is
that dénaturation yields elongated, essentially rod-
shaped, molecules about 500-600 A. in length
which then aggregate laterally.

A slightly modified picture may, however, be in
hetter accord with the failure to obtain completely
unaggregated unfolded systems. According to this
Flcture the dénaturation might be imagined as a
oosening or swelling of the native protein which
leads to a reduction in sollubilith/. The swollen
units might then aggregate in such a manner that
unfolding is forced. If this were the mechanism
the lengths observed would still have an absolute
S|fgn|f|cance in terms of the molecular configuration
of the polypeptide chain even though the orienting
units were aggregates. According to the modified
mechanism it is not necessary to assume that this
configuration possesses inherent stability in the
absence of aggregation forces. It is perhaps worth
pointing out, though not to be taken too seriously
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at present, that the length approached at low de-
grees of aggregation corresponds to about 1.5 A. per
amino acid residue, the spacing of the Pauling a-
helix.22

Also plotted in Fig. 3 are lengths computed from
the light scattering dissymmetry values assuming
rigid rods. These lengths are in general consider-
ably greater than the corresponding values obtained
by streaming birefringence. A similar discrepancy
was observed by Hocking, Laskowski and Scher-
agaldin the case of bovine fibrinogen. They sug-
gested the Presence of a trace of a very large con-
taminant of density so near that of the solvent that
it was not removed by centrifugation. Possibly a
similar explanation might hold here.

The behavior at pH 3 in absence of Zephiran
shows clearly that an entirely different pattern of
aggregation is followed in the absence of detergent.
The very high ﬁartlde weights and dissymmetries
developed in the absence of orientability in the
streaming gradient suggest that very large, nearly
spherlcalag%regatesareformed. It seems probable
that the light scattering observations in this case
represent a relatively small proportion of the total
protein and that the bulk isunmodified.

Fig. 3.—Relation between apparent particle lengths and
particle weights: |, range of lengths calculated from stream-
ing birefringence results over the gradient range 1960-5880
sec.-1; O .length calculated from the intrinsic dissymmetry
of light scattering assuming rigid rods.

There is no apparent reason for the difference in
behavior between the anionic and cationic deter-

Fents. It iswell known that the anionic detergents
ead to denaturation of ovalbumin at room temper-
ature. The absence of streaming birefringence

may imply that this denaturation consists essen-
tially of swelling without unfolding and that the
unfolding occurs only at elevated temperature un-
der these conditions.

(12) L. Pauling and R. B. Corey, Proc. Nat. Acad. Sci., 37, 205

(1951).
(13) C. S. Hocking, M. Laskowski, Jr., and H. A. Scheraga, J. Am.

Chem. Soc., 74, 775 (1952).
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DISCUSSION

_Ira K ukin.—YOU mentioned that the anionic detergents
did not denature the ovalbumin to give a streaming bire-
fringence. At what values of pH were these studies made?

Joseph F. Foster—The work was carried out at a pH
value of 7 to 8. On the acid side the anionic detergent pre-
cipitates the protein.

H. B. k 1evens.—With respect to protein-detergent in-

teractions, it has been of interest for some time to determine
whether micelles are present in these solutions and whether
interaction between protein and .detergent involves single
ions or micelles of the latter. The results with dodecyltri-
methylammonium chloride and ovalbumin at pH 2.2-2.5
reported above would indicate that micelles may be present
in these solutions. This is interesting for previous results
with anionic detergents and proteins, homogeneous as to
molecular weight, indicate that, even though the binding
of detergent with protein is stepwise rather than continuous,
there is no evidence for the presence of micelles in these so-
lutions. From light scattering measurements of Harrap
and Schulman, Discussions Faraday Soc, 13, 197 (1953),
there appears to be a continued adsorption or binding of
sodium dodecyl sulfate (D) with serum albumin (A) above
ADA4, where Nis the initial number of binding sites (about 55).
Recently, however, Cockbain, Trans. Far e, 49, 104
(1953), has shown by interfacial tension and by the dye titra-
tion technique that micelles are present at detergent con-
centrations larger than D4l For gelatin and hydrolyzed
gelatin, there appears to be a definite number of D bound
per protein molecule (D is a function here of the apparent
molecular weight of the protein) and, at concentrations of
detergent above this, the excess D forms micelles (unpub-
lished data). Since there is this definite limit which also
appears to be dependent on the molecular weight of the gela-
tin, thisis the apparent basis for a new approach to fractiona-
tion of polyelectrolytes, which has been applied successfully
to gelatin solutions by Stainsby (private communication).

Joseph F. Foster —Binding studies, to be published else-
where, indicate that micelles are not present in the presence
of protein, under the conditions wWE employ, in the case of
either alkylbenzene sulfonate or zephiran. Further, these
detergents do not exhibit streaming birefringence, under
the conditions we use, even in the micellar state. The one
exception is the dodecyltrimethylammonium chloride prep-
aration which, as mentioned in the text, does give orienta-
tion by itself and does not appear to be strongly bound by
the protein.

J. L. Snhereshefsky.—Recent studies in my laboratory
on the molecular weight of crystalline bovine albumin
(Armour & Co.) by the method of monolayer formation on
buffered substrates (from pH 4.8-7.4) showed that the sup-
posedly denatured protein (as a result of spreading) was iden-
tical in molecular weight as when determined by the osmotic
pressure method, under which conditions denaturation is not
taking place. How should one characterize denaturation?

Joseph F. Foster.—There are many known cases where
no change in molecular weight accompanies denaturation.
Aggregation, which usually follows denaturation, might not
occur in spread albumin monolayers at low surface pres-
sures. An answer to the question is difficult indeed and
quickly leads to a philosophical discussion as to what is de-
naturation. It is my feeling that denaturation is many
different things, there being variations from protein to
protein and under various conditions for a given protein.
In general | think it definitely best to utilize as many differ-
ent criteria as possible in attempting to characterize denatu-
ration. Flow birefringence is particularly good for detect-
ing gross changes in molecular shape and has been very use-
ful in the case of ovalbumin. In other cases denaturation
may not lead to such gross changes in shape. For example,
| believe that serum albumin can be denatured without the
appearance of flow birefringence; in that case denaturation
may be essentially a swelling of the molecule.
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Three methods for the determination of free energy changes in ionic-exchange reactions between two colloidal systems are
formulated, (1) potentiometric through activity determinations, (11) by small exchange taking two cations at a time, (111)

by equilibration, separation and analysis.
potassium calcium and hydrogen ions are given.
sium showing a range from <500 to 3400 cal. per mole.

The characteristics of a cation-exchanger Amberlite IR-120 with respect to
It is shown to be markedly multifunctional, the bonding energy for potas-
In plant growth studies with soybeans, dilute suspensions of Amber-

lite IR-120, Wyoming bentonite and Putnam clay were compared with chlorides and bicarbonates of potassium and calcium.
It is shown that the uptake of a particular cation is governed in part by the free energy change in the reaction between the

acid root and the exchanger.

The free energy changes in cation-exchan?e re-
actions are commonly considered to be small, and
until recently very little attention was paid to
them. Extensive work has heen done on equilib-
rium constants, particularly by those concerned
with synthetic exchangers, but the further step of
proceeding from these constants to the free energy
change has seldom been taken. There are good
reasons for this, namely, uncertainty as to validity
of the assumptions used in setting up the equations,
and lack of constancy of K over a wide range of
exchange conditions. These limitations, however,
are not inherent in the situation. What has heen
needed is a sensitive means of recognizing differ-
ences between ionic sites on exchange materials,
together with procedures for the formulation of
exchange reactions without the usual assumptions.
These objectives were first accomplished through
potentiometric activity measurements; however,
It can now be seen that the final result, namely, the
determination of free energy changes, can be
attained analytically.

Potentiometric Methods. 1.—The first potentiometric
determinations which gave the free energy change for cation-
exchange reactions were based on Marshall’s theory of non-
porous membrane electrodes.2 This was unfortunately
formulated in terms of the difference in heat of adsorption

of two cations, but actually it corresponds to the free energy
change in a reaction such as

KC1 + Na membrane < > NaCl + K membrane

Later Mukherjee and Marshall applied the method to plugs
of plastic clay.3 Cells of the type

Calomel Sat. KCIj1» 1 Mg;“&[g‘e 'IN%%' Sat. KC1 Calomel
were employed.

Values obtained for a bentonite clay were of the order of
230 cal. per equivalent for the potassium-sodium difference.

2.—Following the procedures used by Marshall and his
co-workers4-7 single cationic activities can be determined in
dilute colloidal systems. If the total concentration of the
given cation is known, then the ratio &/C corresponds to the
ionic activity coefficient for a true solution. It is termed the
fraction active (/). If a completely dissociated colloid con-

(1) Contribution from the department of soils, Missouri Agricultural
Experiment Station, Columbia, Missouri, Journal Series No. 1352.

(2) C. E. Marshall, This Journal, 52, 1284 (1948).

(3) S.J. Mukherjee and C. E. Marshall, ibid., 55, 61 (1951).

(4) (a) C. E. Marshall and W. E. Bergman, J. Am. Chem. Soc., 63,
1911 (1941); (b) C. E. Marshall and C. A. Krinbiu, ibid., 64, 1814
(1942).

(5) C. E. Marshall and A. D. Ayers, ibid., 70, 1297 (1948).

(6) C. E. Marshall and L. 0. Eime, ibid., 70, 1302 (1948).

(7) E. O. McLean, S. A. Barber and C. E. Marshall, Soil Sci., 72,
315 (1951).

Clear differences in uptake were found for free energy changes of 3000 cal. per mole.

taining the same total concentration of cation is chosen as
the standard state then the cationic free energy difference
between the actual system and the standard state is

RT In (c/a) = RT In (1/1)

This has been termed the cationic mean free bonding en-
ergy. It can be thought of in terms of a reaction such as
Na colloid 2= Na+ -1- Colloid- — (AF)xa- Such reactions
involve entropy changes as well as free energy changes and
in reactions where several such dissociations are involved,
both the free energies and the entropies can be treated addi-
tively. Thus an exchange such as

+ 1

can be considered as comprising four of the above dissocia-
tion reactions, the free energies being added together with
due regard to sign, in order to give the mean free energy
change for the whole reaction. This formulation corre-
sponds with the concept that if each of the constituents is
completely dissociated, then we have simply a mixing proc-
ess with zero free energy change. It applies equally well to
reactions between exchangers and salt solutions and to in-
terchange of cations between different exchangers.

A number of studies of the dissociation of clay minerals
have been published.814 All indicate that a given cation
can be held on a given clay with a wide range of bonding en-
ergies. Characteristic bonding energy curves are found,
which vary with the clay and with the cation. The same is
true of humic matter from soils and peats, and even certain
synthetic resin exchangers show variations.

The examples which will be discussed below involve plant
roots as exchangers. In the past few years the exchange
properties of living roots have been shown to be reasonably
well defined.1517 They interact with nutrient media by ex-
changing hydrogen ions for metallic cations. It is now be-
lieved that this is the predominant mechanism by which
cations are taken up by plants.1821 We can therefore for-
mulate the hydrogen-potassium or the hydrogen-calcium
exchanges for roots as for other colloidal systems. We have
for hydrogen-potassium

(8) C. E.
(1942).

(9) C. E. Marshall and W. E. Bergman, ibid., 46, 327 (1942).

(10) C. E. Marshall and C. A. Krinbiu, ibid., 46, 1077 (1942).

(11) E. O. McLean and C. E. Marshall, Soil Sci. Soc. Am. Proc., 13,
179 (1949).

(12) B.
(1950).

(13) S. A. Barber and C. E. Marshall, Soil Sci., 72, 373 (1951).

(14) S. A. Barber and C. E. Marshall, ibid., 73, 403 (1952).

Marshall and W. E. Bergman, This Journal, 46, 52

Chatterjee and C. E. Marshall, This Journal, 54, 671

(15) D. E. Williams and N. T. Coleman, Plant and Soil, 2, 243
(1950).

(16) M. Drake, et al., Soil Sci., 72, 139 (1951).

(17) E. R. Graham and W. L. Baker, ibid., 72, 435 (1951).

(18) H. Jenny and R. Overstreet, Proc. Natl. Acad. Sci., 24, 384
(1938).

(19) H.Jenny, “Mineral Nutrition of Plants,” Wisconsin University
Press, Madison, Wis., Chapter 5.

(20) H. Lundegardh, Soil Sci., 54, 177 (1942).

(21) A. C. Sehuffelen and R. Proc.
Wetenschappen, 45, 726 (1942).

Nederland Akad.
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(YF)EeMW, = - RT |ng,K+ RT Iné_'+

RT |n°ék- RF |n§q

in which C' and &' refer to the substrate and C' and a" to the
root. This can also be written.

(AP)Reaction = RT InélK -ﬁH + RT InclHl :4K

In the case of the hydrogen-calcium interchange the free
energy change per equivalent is given by

(AFW tio, = - %RT |ngea+ RT Inﬁh+
%RTlnélba- RT Ingo

or

+ RT In L
°H G Vilra

In computing these free energy changes several alterna-
tive methods present themselves.

1. As mentioned above, in some cases it is possible to de-
termine the respective activities and concentrations sepa-
rately for each of the four systems. Titration curves ex-
tending over a considerable range are needed so that bond-
ing energy curves can be constructed, both for hydrogen and
for the metallic cation. The values to be used should be
selected with due regard to the concentrations of the col-
loidal systems and to the position of the final equilibrium as
regards composition. Recent work by McLean and Bakerz
has shown that activity measurements can be made with
good reproducibility on carefully prepared plant roots.

2. A second method is based on the principle of small
exchanges. For ions of the same valency, the ratios of the
concentrations of two cations simultaneously released by an
infinitesimally small exchange against any cation are equal
to the corresponding ratios of the activities.2s For a mono-
valent-divalent pair such as calcium and hydrogen the ratio

Ch/ a/C oo for an infinitesimally small exchange is equal to

aH/\/aca for the original colloid. Thus by carrying out
small exchanges separately on the two colloids the activity
ratios are determined. The total concentrations are gen-
erally known, so that all the quantities required in the equa-
tions are available from analytical results. The separate
activity ratios should be determined for various composi-
tions so that the correct values for the final equilibrium can
be selected.

3. The third method is even simpler. It is based on the
fact that when two colloidal systems are in equilibrium with
the same intermicellar liquid they are in equilibrium with
each other. From the Donnan relationships we then have

h/uk = fIHIk
for the monovalent-monovalent case and

aii/\ah* = au/Vaca

for divalent-monovalent cations. When these relation-
ships are substituted in the appropriate equations for the
free energy change all the activities cancel out and we are
left with

(AFWtion = BF In §/4; [ ]
i

(AF)Reatti,, = RTIn% +RT In%
(k )]
and

(APReaction = RT In~4= + RT In"47?
Veta
respectively, for the two cases discussed. Hence, it is only
necessary to separate the two colloidal systems and deter-
mine the cationic concentrations by analysis. This value of
(AF)Eecction then gives the free energy change for the par-
ticular proportions of cations found at equilibrium.

Characterization of Colloidal Media- If it is
true that the first reaction in the passage of cations
(22) E. O. McLean and F. E. Baker, Soil Sci. Soc. Am. Proc., 17,

(1953).
(23) C. E. Marshall, ibid., 8, 175 (1944).
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from substrate to plant is an exchange against
hydrogen at the root surface, then in comparing
different substrates one with another, three factors
should be controlled: (a} the activities in the sub-
strates of the cation under consideration, (b) the
corresponding activities of the hydrogen ion, (c)
the free energy change for the exchange reaction.
If two substrates are carefully matched with regard
to equality of these factors then irrespective of
their chemical nature or as to whether the plants
grow in true solution or in a colloidal medium, the
uEtake by the root should be the same. The
characterization of colloidal media thus involves
free energy differences such as
(AF)h = (AF)k, or (AF)h - (AF)car

which can be determined from the respective titra-
tion curves by measuring both the pH and the
metallic cation activit{ at each point.  For plants
growing in dilute solutions of soluble salts the
corresponding free energy difference would depend
on the stren%th of the acid produced in the reaction.
Thus with chlorides, sulfates or nitrates it would be
practically zero, but with acetates or bicarbonates
it would have a positive value lying somewhere be-
tween zero and the value derived from the dissocia-
tion constant of the acid. The actual figure would
be calculated from the h¥drogen ion activity and
the total concentration of acid in the substrate at
equilibrium.

The free energy change for the exchange reaction
includes also the difference (AF)cation — (AF)n
for the root itself. This quantity will, with a single
cation, be taken as constant in our comparisons,
althou%h it is quite conceivahle that some variation
with the degree of saturation of the root surface
may be present. o .

Amberlite IR-120.— The titration curves of dilute
suspensions of Amberlite IR-120 with potassium
hydroxide are given in Fig. 1, which comprises
three sets of data. The top graph gives the con-
ventional pH curve, the middle graph gives the
curve connecting potassium ion  activity with
amount of base added and the hottom %raph shows
the cationic free bondm% energies of potassium
and hydrogen. The Amberlite suspension used
was 0.2%. The susgension contained only par-
ticles < 1a,prepared by grinding Amberlite in aball
mill and removing coarser material by settling
under gravity. The suspension was then electro-
dialyzed to remove all cations exceptH+. .

The curves indicate that potassium is consider-
ably more firmly held than hydrogen up to the
equivalence point. The curves probably cross
close to this point. . _

The great influence which the accompanymg.or
complementary ion can exert upon the bonding
energy of a given cation is shown by Fig. 2. Here
potassium-hydrogen  and  potassium-calcium
Amberlites are compared using methods similar to
those previously employed for clays.111314 The
mean free bonding energies of potassium are (plotted
for the two systems as a function of the total potas-
sium present. In presence of hydrogen as the
clomi)lementar%/ jon, potassium is held much more
firmly than where calcium is the complementary
ion. This effect is qualitatively similar to the
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Fig. 1—pH (top), potassium ion activity (middle), and
cationic bonding energies of potassium and hydrogen
(lower) plotted against the potassium added (in milliequiv-
alents per 100 Q.; Amberlite IR-120, particle size <17,
concentration 0.2%).

situation in the clay minerals, but the spread be-
tween the two curves iseven wider in the case of the
Amberlite. This is due to the low bondin energr
of the hydrogen ion on Amberlite and simul-
taneouslﬁ, the high bonding energy for calcium.
Hence the difference in the two cations which
complement the potassium is unusually large.
We have here aver}/ good illustration of the .Tarasov
effect24 for a multifunctional surface, namely, that
the cation with the greater bonding energy pre-
empts those positions on the surface corresponding
to the ?reater ener(?y release, leaving for the
cation of lesser bonding energy, those positions
affording least energy release. The range of potas-
sium ion bonding energiesisvery great- from about
500 cal. per mole, where there is a small proportion
of potassium and the rest calcium, to 3400 cal.
per mole for potassium-hydrogen systems with
up to 70% potassium. It is evident that Amber-
lite IR 120 is markedly multifunctional in its
dissociation- not monofunctional as has some-
times been assumed.

The characterization of calcium-hydrogen Am-
herlites by titration curves is rendered uncertain

(24) S. S. Jarusov, Soil Set., 43, 285 (1937).
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Fig. 2.—Bonding energies of the potassium ion in potas-
sium hydrogen and potassium calcium Amberlites IR 120,
as a function of the percentage saturation with potassium
(particle size <Ip, concentration 0.2%).

over a large part of the acid range by the extremely
high bonding energy of calcium. Using 0.2%
Amberlite suspensions the calcium activity was
much below the correction for hydrogen ions up to
pH 5, and the first reliable figure actually obtained
was at pH 6.3, very close to the point of equiva-
lence. The molar mean free bondin% energy of
calcium wras about 3350 cal., which is higher than
for any calcium clay mineral we have examined.
Below' equivalence the value is certainly higher than
this, and probably it will approximate to twice the
bonding energy for potassium, or from 5000-7000
cal. per mole.

Clay Systems.— The two clay systems, namely,
Putnam clay and Wyoming bentonite which were
included in the series, have already been character-
ized in studies reported from this Laboratory.8-12
The cation activities were, of course, determined
afresh on the systems employed for growing soy-
heans, and honding energies w'ere calculated.

True Solutions.— Chlorides and bicarbonates of
potassium and calcium were used. In the case of
the bicarbonates the hydrogen ion bonding energy
was calculated by the same procedure as that em-
ployed for the colloidal systems.

Plant Roots.- Soybeans were grown in the re-
spective nutrient media with continuous aeration
and intermittent renewal. The frequency of
change was accommodated to the rate of growth,
When the plants had acquired several leaves then
it became necessary to renew the solutions daily.
Even this was inadequate in certain cases, hence the
cation activities were determined also in the de-
pleted solutions.

The roots were removed from the nutrient
media, washed quickly’ in distilled water and then
caused to react with M/400 barium chloride solu-
tion. The quantity was arranged to correspond to
a 10% exchange, but in actual fact more cations
passed into solution than corresponded to the
chloride added. The exchan?e could therefore
no longer be considered strictly “small.” Hence
the ratio of the amounts of two cations in solution
would not be an exact measure of the ratio of the
activities, but the general trends should still show
themselves. A second exchange with a larger
quantity of barium chloride wias designed to give
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practically complete replacement of the root cat-
lons by barium. Finally, the roots and tops were
dried and analyzed separately. The systems,
individually comprising two plants, were set up in
triplicate. The yields were obtained separately for
each and analrses were performed on the whole
sample of six plants.

Experimental Results

1. Comparisons of Chlorides and Bicarbonates as Nu-
trient Media.—Considerable differences were found when
chlorides and bicarbonates of potassium and calcium were
employed singly as nutrient media. In each case the bicar-
bonate solution gave the higher uptake: by “small” re-
lease, by total exchangeable quantity and by total quantity
in roots and tops. The actual yields of dry matter were
closely alike in these comparisons. The pH values were
lower in the chloride systems than in the bicarbonates by
about one unit, so that it is not possible to use the calcu-
lated free bonding energy of the hydrogen in carbonic acid as
the only variable in the situation. However its magnitude
is such that it overshadows the pH variation. The calcu-
lated values range around 2500-3300 cal. per equivalent,
the variability being due to particularly rapid depletion of
the calcium bicarbonate systems. The fact that the pH
values were lower in the chloride systems than the bicarbon-
ate systems would add the equivalent of about 1360 cal.
more from (pH, — pHI)RT.

Comparison of Potassium Chloride and Other Potas-
sium Systems as Nutrient Media.—In order to use well de-
fined bonding energies both for hydrogen and potassium on
Amberlite a point was chosen on the acid side of equivalence.
This also necessitated a relatively high Amberlite concen-
tration so as to bring the potassium activity up to the value
for the true solutions. From the measured potassium ac-
tivity and pH of the 0.5% Amberlite suspension used, the
respective bonding energies of K+ and H + were calculated
to be (Ar)k = 2790 cal. and (Ar)x — 2690 cal. The dif-
ference is thus very small and the situation as regards plant
roots should be essentially the same as in an acidic chloride
solution at the same pH and the same potassium ion ac-
tivity.

Tables | and 11 indicate that the over-all resemblance be-
tween these two treatments, although they differ in some
details, is very great.

The more dilute potassium Amberlite at about the same
potassium ion activity but higher pH can also be drawn into
the comparison. The free energy change is here somewhat
uncertain, since wo are very close to the equivalence point,
but would appear to be —1100 cal. to which should be added
around +3600 cal. corresponding to the pH difference.
These roots took up considerably more potassium than did
those in the acidic Amberlite, but the total growth was
about the same. This last fact strongly suggests a limiting
factor in the situation, namely, loss of calcium from the
seedling to the Amberlite, which has a very high bonding
energy for calcium.

Three systems which are closely comparable as regards
pH and initial potassium activity are the dilute potassium
Amberlite mentioned above, potassium bentonite and potas-
sium Putnam clay. The bonding energy differences are
difficult to establish with certainty, but would seem to be in
the range +2000— b3000cal. The three systems show some
differences but the order is not consistent. The over-all
picture, however, is about what would be expected from a
free energy change of this magnitude.

Comparison of Calcium Chloride and Other Calcium Sys-
tems.—A very clear cut comparison can be made between
the calcium chloride and the calcium bentonite systems,
which were closely similar as regards calcium ion activity
and pH. The bonding energy difference per equivalent
favored the bentonite system by’ about +2500-3000 cal.
The colloidal system gave consistently the higher calcium
uptake, whether measured in terms of a small exchange, or
total exchangeable calcium, or total calcium content of roots
and tops, or total yield of dry matter.

The calcium Amberlite system also gave similar results,
but the bonding energy situation is uncertain at the pH em-
ployed.

Free Energy in Cation Interchange
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Tabre |
Characteristics of Nutrient M edia
(AE)nh -
(AP)cation
(cal. per Ck, CCa,
System equiv.) pH moles/1. moles/1.
1 KC1 0 5.90 1.11 X 10"4
2 KC1 (acidic) 0 4.55 1.67
3 KHCOIi +3300 7.17 1.12
4 cacCl2 0 5.92 5.6 X 10
5 Cca(HCO04&)2 + 2500 7.10 5.5
6 K Amberlite 0.5% -100 4.45 1.75
7 K Amberlite
0.024% (Uncertain) 7.20 1.60
8 Ca Amberlite
0.23% (Uncertain) 7.60 8.8
9 K Bentonite
0.10% (Uncertain) 7.06 1.42
10 Ca Bentonite 1.8% +3000 5.62 5.6

11 K Putnam 0.17% (Uncertain) 7.01 1.18

Tabre Il

Composition of 19-Day O1ld Soybeans Grown on Nutri-
ent Media

Cation content, megq.

per 100 g. Dry matter

Tops Roots (6 plants)
System K Ca K Ca Tops Roots
i KC1 83 10 74 17 127 0.32
2 KCI (acidic) 4 11 19 9 0.90 .26
3 KHCOs 120 12 118 24 1.29 43
4 CaCl2 25 5 33 15 161 .62
5 Ca(HC032 29 140 43 26 141 .70
6 K Amberlite (ac.) 32 7 12 5 0.93 16
7 K Amberlite 46 12 42 8 0.92 21
8 Ca Amberlite 33 108 34 11 243 1.24
9 K Bentonite 65 11 60 6 092 0.22
10 Ca Bentonite 2 62 24 11 223 0.95
11 K Putnam 47 8 68 5 1.08 0.24

12 Seed 50 12 0.90
Discussion

These preliminary results on growing plants are
naturally subject to greater variations than would
he tolerated on purely inanimate exchangers.
They indicate, however, that the free energy
changes in cation exchange reactions are of great
importance in the uptake of cations by plant roots.
The precision of such experiments is likely to be
considerably improved now that a start has been
made. Ultimately it may be possible to record
consistent differences in %rowth and uptake for free
energy differences of only a few hundred calories
per equivalent. Finally this approach helps to
explain many puzzling results in the literature,
in which comparisons have been made hetween
colloidal media and true solutions or between
different colloidal media. The competition be-
tween the plant root and its environment for the
available cations can now receive quantitative
expression.

DISCUSSION

J. Th. G. overbeex.—If the plant grows slowly enough

and the root can be considered to be in equilibrium with the
nutrient system, growth and ion exchange should only de-
pend upon the activities in the solution. If the amount of
buffering of the solutions with respect to its ion content by
the presence of ion exchange material proves to be important,
this means that the rateof exchange is more important than
the equilibrium situation.



622

A. H. Ellison, H. W. Fox and W. A. Zisman

Vol. 57

WETTING OF FLUORINATED SOEIDS BY HYDROGEN-BONDING
LIQUIDS

By A.H.Ellison‘

HoW.rox ana W A zisman

Naval Research Laboratory, Washington, D. C.
Received March 2, 1958

(1) A study has been made of the wettability of adsorbed monolaj'ers of w-monohydroperfluoroundecanoic acid.

The

results obtained on this surface (comprising CF2H groups) are compared with previous results on adsorbed monolayers of

perfluorodecanoic acid (comprising CF3 groups) and solid polytetrafluoroethylene (comprising CF2 groups). (2)

It is

shown that for “normal” liquids (1.&,, those for which only van der Waals forces of adhesion are operative) the contact angles

on CFH surfaces are larger than on CF2surfaces and nearly as large as on CF3surfaces.

(3) Alcohols, acids and amines

are found to give abnormally low contact angles on CFZH and CF3surfaces, but only amines give low angles on polytetra-

fluoroethylene.
containing surfaces.

This can be accounted for by the ability of these polar liquids to form hydrogen bonds with the fluorine-
Esters, lacking a suitable hydrogen atom, are shown to bond only to the CF2H surface (which can sup-

ply the necessary hydrogen atom); alcohols and acids bond to CF2H and CF3surfaces; primary amines bond to all three

fluorinated surfaces because of their ability to form “double” hydrogen bonds.

These phenomena are believed to be new

examples of the “unsymmetrical hydrogen bond” described by Pauling.

I. Introduction

Previous studies on the spreading of liquids on
various low-energy surfacesl6 have shown that the
wettability depends on the atomic composition of
the surface. Hence the equilibrium contact angle
ofor each liquid increases in the order Och2< Qch3<
9cf, < &Ci'Y It was of interest to compare the
wettability of a surface comprising CFH groups
with those previously studied. Such surfaces can
he obtained by adsorbing on a solid surface mono-
layers of acids of the composition HF2X (CF2,-
COOH. The preparation of these acids has heen
described by Berry.6 o _

The contact angle of a liquid on a given low-
energy surface usually increases with its surface
tension. Exceptions to this generalization oc-
curred3-6 when the liquid had a marked tendency
to dissolve the surface molecules of the wetted
solid. In this circumstance, there was observed a
lower contact angle than could be expected from
the behavior of man¥ other liquids on the given
solid. In the case of the surface comprising CF3
groups, however, two apparent anomalies appear
In the data6which cannot be accounted for on the
hasis of solubility. These concern the wettability
by meth%I alcohol (viv = 22.6 dynes/cm., o —
1s°) and by n-heptylic acid ¢vav = 28.3 dynes/cm.,
9 = 44°). Here the contact angles are to be
compared with those of n-octane (viv = 218
dynes/'cm., 9 =s6°) and sec-butylbenzene (viv =
28.7 dynes/cm., 0= es°), respectively. However,
methyl alcohol and n-heptylic acid exhibited
“normal” contact angles on surfaces made up of
CF2 CH?o0r CH2groups.134 The fact that the
two liguids which showed greater than normal
wetting ability both contained a polar hydrogen
atom suggested that the additional adhesional
energy was due to hydrogen bonding. This led us
to investigate the wetting behavior of homologous
series of n-alkanoic acids, w-alkanols and n-alkyl
amines on surfaces comprising oriented CF3
CF2 and CFH groups.

(1) H. W. Fox and W. A. zisman, J. Colloid Sci., 5, 514 (1050)
(2) 1l. W. Fox and W. A. Zisman, ibid., 7, 109 (1952).

(3) Il. W. Fox and W. A. Zisman, ibid., 7, 428 (1952).

(4) E. Shafrin and W. A. Zisman, ibid., 7, 166 (1952).

(5) F. Schulman and W. A. Zisman, ibid., 7, 465 (1952).

(6) Kenneth L. Berry, U. S. Patent 2,559,629 (July 10, 1951).

1l. Experimental Methods

Surfaces comprising CF2H groups were formed by adsorb-
ing from «-decane solution on polished platinum foil mono-
layers of HFZZ(CF23COOH (or w-monohydroperfluoroun-
decanoic acid). For the sake of brevity, this acid will bo
designated as i/'-undecanoic acid. Surfaces comprising
CF3groups were formed as before5from n-decane solution of
CF3CF280O0H (designated as 0-decanoic acid). Surfaces
of CF2groups were obtained as beforelas smoothed solid
polytetrafluoroethylene. Contact angles were determined
with the contact angle goniometer described earlier.1 Re-
producibility of the platinum foils was assured by checking
within £2° the contact angle reported previously5 for n-
hexadecane on a close-packed monolayer of 0-decanoic acid.

Since the ~-undecanoic acid was supplied as the pure am-
monium salt, the latter was decomposed in aqueous solution
and the free acid extracted with toluene. Recrystallization
from toluene produced a white, flaky solid with a melting
point of 96-97°. Each of the organic liquids used in this
study was carefully purified as previously describedland was
stored in the dark under refrigeration when not in use. The
surface tension (T1v°) of each of these liquids was obtained
from the references indicated in Table I.

I11. Results

Table | lists the measured equilibrium contact angles of
various liquids on the three fluorinated surfaces of interest.
Previously reported contact angle data for some of these
liquids on polytetrafluoroethylenel and on the 0-decanoic
acid monolayer6 are included for comparison. Liquids are
grouped by chemical type and for each type are given in the
order of decreasing surface tension. It is to be noted that as
beforel-5 and with few exceptions, the lower the surface ten-
sion in a homologous series of liquids, the lower the contact
angle. This rule does not hold when comparing non-
homologous liquids. It is apparent that the contact angles
on the CFoll surface are from around 5 to 30° lower than
those on the CF3surface with the exception of n-octylamine
and n-heptylamine; the latter differ by an amount which is
equal to or less than the experimental uncertainty. Al-
though the CFZH surface is less well wetted by the «-alkanes
than the CF2surface, it is more wetted by liquid carboxylic
acids, amines and esters. Of the miscellaneous liquids, the
polar substances have a greater tendency to wet the CF3
and CFH surfaces than the CF2surface.

In Table I will also be found the value of the work of ad-
hesion (w a) calculated from the approximate relation w a —
71v° (1 + cos Oe) for each solid/liquid system. The error
in Wa due to the neglect of the term/sv® (the free energy of
immersion of the solid in the saturated vapor of the liquid)
has been shown to be small for CF3and CF. surfaces.15
The difference in w a between the CF3and CFZH surfaces is
given in the last column of Table | for each liquid; it is
about 1-3 ergs/em.2for the «-alkanes, the same for the n+
alkanoic acids, 4-7 ergs/cm.! for the ra-alkanols, zero for the
n-alkyl primary amines, and 11-15 ergs/cm.2for the esters.
The variation in this difference for any homologous series
of liquids is small, but the differences between series is sig-
nificantly larger showing the effect of the polar group.
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Table |

Wetting of Adsorbed

Fluorinated Acid Monolayers and Solid Polytetrafluoroethylene by Various Liquids

at 20°

Surface tension
°

dyn\;syl
Liquid cm. Ref.
re-Alkanes
Hexadecane 27.6 5
Tetradecane 26.7 5
Dodecane 25.4 5
Decane 23.9 5
Octane 21.8 5
Hexane 18.4 5
Esters
Tricresyl phosphate 40.9 5
Tetra (mixed phenyl cresyl) silicate 39.8 5
Benzylphenvlundecanoate 37.7 5
Di-(2-ethylhexyl) phthalate 31.2 5
1,6-Hexamethylene glycol di-2-ethyl 30.2 5
hexanoate
Acids
Pelargonio 295 7
Caprylic 29.2 7
Heptylic 28.7 7
Valeric 27.4 7
Butyric 26.8 7
Alcohols (Primary)
re-Decyl 28.8 9
re-Octyl 27.6 9
re-Heptyl 27.2 9
re-Hexyl 26.2 9
re-Amyl 25.8 9
Amines (Primary)
re-Octyl 27.7 9
re-Heptyl 27.0 9
re-Amy] 25.2 8
re-Butyl 24.0 8
Miscellaneous
Water 72.8 5
Glycerol 63.4 5
Aroclor 1248 44.2 5
Hexachlorobutadiene 36.0 5
f-Butylnaphthalene 33.7 5

° Monolayer of perfluorodeeanoic aeid adsorbed on platinum foil.
dReference 5.

sorbed on platinum foil. ¢ Solid polytetrafluoroethylene.

Figure 1is a graph of cosine #e against the surface tension
YLv° of the «-alkanes on the several low-energy surfaces.
It is seen that the relative order of the contact angles of
these non-polar liquids on the different surfaces is 0CF3 >
®AH> ®&f2> 0ch3 A straight line represents the relation
between 7LV and cos Oe for a CFH surface; this is consist-
ent with the results found for other low-energy surfaces.1-6
The parallelism of the graphs for CF3and CFH surfaces is
striking.

Figures 2A, B and C are plots of cos $against 7 Lv° for the
re-alkanes (represented by the dashed line), w-alkanols, al-
kanoic acids, primary amines, and a miscellaneous group of8

(7) D. C. Jones and L. Saunders, J. Chem. Soc., 2944 (1951).
(8) A. 1. vogel, IAQ, 1825 (1948).
(9) This research.

9, deg., upon surfaces made of:
Cra PR aHD

Approximate work of
adhesion, ergs/cm.
Wa = Tiv(1 + cos 0),
for surfaces made of’;
CFjc CH CFH CR2

Equilibrium contact angle, AWa

(CE'Z':"‘)*

7 67 46" 36.1 38.5 46.8 2.4
69" 65 44« 36.3 38.0 45.9 1.7
67" 59 42 35.3 38.4 44.3 3.1
62" 53 35" 35.1 38.3 43.5 3.2
56" 50 26" 34.0 35.8 41.4 1.8
41" 35 12" 32.3 33.5 36.4 1.2
Mean 2.7
82« 65 75" 46.6 58.2 51.5 11.6
93« 71 37.6 52.8 15.2
85 62 67" 41.0 55.4 52.6 14.4
71« 40 63" 41.4 55.1 45.4 13.7
66" 39 63" 42.5 53.7 43.9 11.2
Mean 13.2
55 50 55 46.4 48.5 46.4 2.1
55 43 52 46.0 50.6 47.2 4.6
53 44 55 45.9 49.3 45.2 3.4
23 16 48 52.6 53.8 45.7 1.2
25 11 42 51.1 53.1 46.7 2.0
Mean 2.6
69 56 46 39.1 44.9 48.8 5.8
66 49 48 38.8 45.7 46.1 6.9
63 44 48 39.5 46.7 45.4 7.2
60 39 50 39.3 46.5 43.1 7.2
52 28 34 41.7 48.6 47.2 6.9
Mean 6.8
17 18 32 54.9 54.6 51.2 -0.3
11 13 23 53.7 53.5 51.8 -0.2
9 5 20 50.1 50.3 48.9 0.2
Spr. Spr. 18 46.8
Mean -0.1
102«/ 97" 108" 57.5 63.9 50.3
10F 8of 100° 51.3 64.6 52.4
92 83 78" 42.7 49.6 53.4
774 69 60" 441 48.9 54.0
71« 68 65" 44.7 46.4 48.0

bMonolayer of w-hydroperfluoroundecanoic acid ad-
eReference 1. / Cu substrate.

esters on surfaces comprising close-packed CFH, CF3 and
CF2groups, respectively. It is seen that since the alcohols,
acids and amines tend to wet CF3and CFH surfaces more
than do the alkanes of the same surface tension, the lines in
Figs. 2A and 2B of each of these families of polar liquids lie
above the line' for the alkanes. Only the amines show this
increase in wettability on the CF2 surface (Fig. 20), the
points for the other polar liquids clustering about "he line
for the alkanes. Esters wet CFH and CF3surfaces more
than do the alkanes but behave “normally” on the CF2
surface; furthermore, esters wet the CF2H surface more than
the CF3surface. From the slope of the straight lines of
Figs. 2A, B and C it is evident that the ability of the alcohols
and acids to wet surfaces comprising CF2H and CFSgroups
is more strongly affected by increasing the chain length of
the molecules than is the case with the amines.
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Fig. 1L.—Cosine of the contact angle V&YSUS surface tension
for n-alkanes on surfaces composed of -CF3-CF2H, -CF2
and CH3groups.

Fig. 2.—Cosine of the contact angle V&'SLB surface tension for re-alkanols, Ol
on surfaces composed of CF2H, CF3 and CF2 groups.

O ; and esters, «;

Bigelow, Glass and Zismanuw have reported that the liquid
re-alkyl acids, alcohols, and amines exhibit appreciable con-
tact angles on platinum due to their inability to spread on
their own adsorbed monolayer. The contact angles re-
ported here for these same polar substances on monolayers of
either o -undecanoic acid or o -decanoic acid are in every case
different from those found on clean platinum. It is signifi-
cant that the n-alkyl amines have lower contact angles on
an oriented monolayer of fluorinated acid than on clean
platinum. This means, of course, lhat the amines adhere
more strongly to oriented CF2H or CFs groups than to CHs
groups. But the alcohols, acids, esters and alkanes adhere
less strongly to CF2H and CFs surfaces than to CHs surfaces.

It was not feasible to compare the wettability of mono-
layers of the o -acids and o -acids having the same number of
carbon atoms per molecule since the o -acids available to us
contained an even number of carbon atoms per molecule and
the process of synthesizing the o -acids results only in an odd
member of the series.

To rule out the possibility that the observed differences in
wettability between o -decanoic acid and o -undecanoic were
caused by differences in molecular chain length, the contact
angles of the re-alkanes given here for films of o -decanoic acid

(10) W. C. Bigelow, E. Glass and W. A. Zisman, J. Colloid Sci., 2,

563 (1947).
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were compared with those recently found for films of o-do-
decanoic acid.1i1  This comparison reveals that the former
are slightly more wettable than the latter. By interpolation
the contact angles of the alkanes on a film of o -undeeanoic
acid were estimated to be 75, 73, 70, 66 and 61° for the Ci§
Ci4, Ci2 Cm and Cs ro-alkanes, respectively. Hence it can
be concluded that the differences in wettability of the o-
undecanoic and o -dccanoic acids are not due to differences
in chain length, but are caused by differences in the wet-
tability of a surface of close-packed and oriented CF3 and
CFZH groups.

Discussion

Because of the homology in atomic comﬁosition
of surfaces comprising CFH groups with thoss
comprising CF3and CH3groups, it was expected
that the wettability of the CFH surfaces would be
intermediate between the other two. It is clear
from the data that the wettability of CF2H sur-
faces is only slightly greater than that of CF3
surfaces and is substantially less than that of
solid polytetrafluoroethylene with respect to
“normal” liquids, i.e., those for which only van der
Waals’ forces of adhesion are operative. Evidently,
the CFH surface has the smallest free surface
energy, next to the CF3surface6 of any yet in-
vestigated. Adsorbed monolayers of compounds
of the general formula HFZC(CFZ?nCOOH are
therefore practically as satisfactory for producing

re-alkanoic acids, A; /i,-primary amines,

organophobic surfaces (or “low-energy” surfaces)
as are the perfluoroacids. This makes inviting
their application as mold-release and dispersing
agents or wherever surfaces with low adhesion are
desirable.

The observed differences in wetting behavior of
esters and primary amines on surfaces composed of
oriented CF3and CF2H groups cannot be accounted
for except by inferring that forces exist between the
molecules of liquid and the terminal fluorinated
groups of the adsorbed monolayer which are
stronger than van der Waals' forces of adhesion.
The differences in work of adhesion found for these
surfaces with the various polar liquids and the
structural considerations given below constitute
good evidence for concluding that hydrogen bond-
ing contributes significantly to the observed ab-
normal wetting by these liquids. Through the

(11) E. Hare, E. Shafrin and W. A. Zisman, “Properties of Films of

Adsorbed Fluorinated Acids,” to be published.
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added effect of hydrogen bonding, the free surface
energy of the solid/liquid interface (Ys1) would he
decreased, thus increasing cos 6for given values of
the free surface ener?ies of the liguid (Y1v> and
the coated solid surface (7s°), according to the
Young equation

cos 6 = (7s0 — 7SH)/7TLV®

Esters.— Other evidence exists for believing that
hydrogen bonding occurs hetween esters and a
CFH surface. Esters exhibit much lower contact
angles on this surface than do other liquids of about
the same surface tension. QObviously, esters cannot
form hydrogen bonds with CF3 or CF2 surfaces
because of the lack of the necessar* hydrogen
atom; but such an atom can be supplied by the
CFH surface. Pauling2has described an unsym-
metricaltype ofhydrogen bond A- H ... B, of which
he says, “...that in general the strength...is
increased by increasing the resultant positive
charge of A ‘and the negative charge of B.” Be-
cause of the electronegativity of fluorine, one
would expect the terminal carbon atom of the
A-compound to be more electropositive than the
adjacent carbon atoms. The negative character
of the carbonyl oxygen (“B” above()] of esters is well
known. Hence itisplausible that there should be a
weak hydrogen bond of this type.

An approximate calculation can be made of the
adhesional energy due to hydrogen bonding if the
area occupied by a mole of suitably oriented ester
molecules is known. Measurements on a Fisher-
Hirschfelder atom model of bis-(2-ethylhexyl)
phthalate, for example, give an area per molecule
hetween 80 and 166 A.2depending on the orienta-
tion. Thus there is one adsorbable carbonyl
?roup per40-83 A.2o0fthe wetted surface. But the
luorinated solid surface consists of one CFH group
per 23 A.26s0 that the adhesional energy per mole
of liquid ester is the significant (Luantity rather
than the energy per mole of adsorbed monolayer.
Based on the minimum area per molecule of suit-
ably oriented phthalate molecules, a simple cal-
culation shows that 4.8 X 109cm .2 of surface will
he occupied by one mole of ester. According to the
last column in Table I, the observed difference in
17a for the CF3and CFH surface for esters is 13.7
ergs/cm.2 equivalent to (4.8 X 109 (13.7) =
6.6 X 10Wergs/mole, or 1.6 kcal./mole. A similar
calculation using the maximum area of the phthal-
ate molecule gives 3.3 kcal./mole. Part of this
enerqy is the difference in free surface energy of the
CF3and CFH surfaces with respect to non-hydro-
gen-bonding liquids as shown by AT7a for the n-
alkanes. Table | shows the average value of Al7a
to be 2.7 ergs/cm.2 Hence, the value of 137
ergs/cm.2obtained in the above calculation must be
reduced to 13.7 - 2.7 or 11.0 ergs/cm.2 This
correction causes the estimated extreme values of
the energy attributable to hydrogen bonding to
become 1.3 and 2.8 kcal./mole, respectively.
These values are to be compared with hydrogen
hond energies reported,2which vary from 1.3 kcal./
mole in the N— H-N bond ofammonia to 8.2 kcal./
mole in the 0- H---0 bond ofanhydrous acetic acid.

(12)
versity Press, Ithaca, N. Y., 1945,
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This attraction of esters to the CFH surface
due to hydrogen bonding does not result in rapid
solution of the film. A sessile drop of ester may be
removed from the monolayer-coated solid and
another put in its place to give the same equilib-
rium contact an?.le. It can be concluded that
esters of carboxylic acids are normal liquids with
respect to CF3 surfaces but are abnormal as re-
gards CFH surfaces.

Amines.— The abnormal ability of primary
amines to wet all three trpes of fluorinated surfaces
suggests that a “double” hydrogen bond exists
in each instance presumably as

i ¥ i

I'N

\
H / H i W/ N\-H VY/ N§( 1l
1 F1 1 HI A
i / i : / i l
F—C—F F—C—F

1 1 V

r2 Ra R XR

a b c

Such bonding is sterically possible in all three
cases as shown br Fisher-Hirschfelder atom models.
With “normal” liquids, the CF3surface is the least
wettable and the CF2surface the most wettable of
the three fluorinated surfaces considered here, but
with the amines the reverse is true. As might be
expected from configurations (a) and (b?, the
wettability of CF3and CFXH surfaces by the amines
is the same within experimental error. The lesser
wettabilitr of CF2 surfaces by amines (Table I)
is probably a consequence of the smaller electro-
negativity of the fluorine atoms in the CFzFroup
as compared with CF3 and CFH. Perfluoro-
tertiary amines, which have low surface tensions
(ca. 13 dynes/cm.), have been shown5to wet CF3
surfaces normally. This is understandable be-
cause of the lack of the necessary hydrogen atom in
tertlar?; amines. .

Alcohols.— In the case of alcohols, one configura-
tion is possible for the bond with each type of
fluorinated surface

H—C—H H—C—H R’
F F H
/ /

F—C—F F—C—H Fw F
1 1 R' XR
r2 R3
a b c

Table | reveals significantly larger values of Al7a
for the alcohols than for the alkanes, indicating the
presence of hydrogen bonding which is stronger on
the CFH than on the CF3surface; but alcohols
hehave normally on CF2 surfaces. Presumably
these differences are a consequence of the greater
electronegativity of the fluorine atoms in CFH
groups as compared with those of the CFE group
and the similar electronegativity of CF2 groups
as compared with the others. .

The question arose as to whether the increased
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adhesion of the alcohols was due to partial solution
of the adsorbed monolayerin the liquid drop resting
on it thus reducing the compactness of the ad-
sorbed monolayer. Experiments showed that amyl
alcohol containing, dissolved in it, sufficient ip-
undecanoic acid to deposit a monolayer of the
latter on platinum (ca 4% bF weight{ gave the
same contact angle on a monolayer adsorbed from
decane as the pure alcohol. Furthermore, cetane
gave the same angle (67°) on the monolayer ad-
sorbed from the amyl alcohol soiution as on the
monolayer adsorbed from decane. The fact that
the contact an?les did not change under these con-
ditions is conclusive evidence that solubility of the
monolayer in the sessile drop is not a factor in
determining the equilibrium contact angle as far
as the alcohols are concerned.

Acids.— The contact angles of the n-alkanoic
acids on CFH and CF3surfaces are also signifi-
cantly smaller than would be expected from the
wettability of the surfaces by “normal” liquids of
the same surface tension. They are smaller, too,
than the n-alkanols of equal surface tension. Pos-
sible configurations of the honds between the car-
Bolxyl group and CFH and CF3groups are indicated
elow.

Ri Ri i
0 1o R
4 " T
0 C—OH 0 c
1 I 1
H 9 H 0 5
F H f / H
/ / /
F—C—F F—G—F F—C—H "™r—d_F
1 h y
R Ri 3 R3
a b c d

The rather small difference in TFa for the CF3
and CFH surfaces (from Table I, the value of
ATFa is 2.6 ergs/cm.2, indicates that the differences
in contact angle are due to the difference in free
surface energy of the fluorinated surfaces rather
than to any differences in hydrogen bond strength.
This is to say that since configuration (a) is the only
way for hydrogen bonding to occur between a car-
boxyl group and a CF3surface, that its analog, con-
figuration (c), represents the hydrogen bond be-
tween the carboxyl group and the CFH surface.
The discrepancy between the values of ATFa for the
acids and alcohols is attributable to the apparently
?reater_ solubility of the fluorinated-acid mono-
ayers in the acids. Evidence for this view was
obtained as follows.

When 4% by weight of Wundecanoic acid and
0-decanoic acid, respectively, were dissolved in
each of the Ii(iuid acids, the resulting solutions gave
significantly larger angles on the monolayers than
did the pure acids. The results are given in Table
I'l; these are to be compared with the comparable
data in Table I. The inference is that part of the
abnormal behavior of the liquid n-alkanoic acids
on the fluorinated-acid monolayers is due to the
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solubility of the monolayers in these liquids. |If
AW a is calculated from the results in Table 11,
its value is found to be about 6.7 ergs/cm.2 avalue
close to that found for the alcohols.

Table 11

Wetting Oor Adsorbed Monolayers or*-Undecanoic Acid
and 0-Decanoic Acid by Solutions Oor T hese Substances,

Respectively, in «-Alkanoic Acids (4% by Weight)

Liquid containing 4% Contact angle, deg., on monolayer

of monolayer 0-Undecanoic 0-Decanoic
acid acid acid
Pelargonic acid 57 72
Caprylic acid 48 66
Heptylic acid 49 68
Valeric acid 34 48
Butyric acid 30 52

This supports the view that the hydrogen bond
between a carboxyl radical and the fluorinated-
acid monoIaKer surfaces is similar in configuration
to that of a hydroxyl radical and the same surfaces
(c/. configurations (a) and }c) for the acids with
configurations (a) and %)) or the alcohols). At
present there seems to be no satisfactory way of
evaluating the separate effects of solubility and
hydrogen bonding for the acids by contact angle
methods. Other methods, for example examina-
tion of infrared absorption bands characteristic of
hydrogen bonding, should be able to resolve this
point. o |

OtherPolar Liquids.— Water and glycerol, which
are associated liquids, would also be expected to
hydrogen bond with CFH and CF3 surfaces.
Comparison with “normal” liquids for these is not
possible since no “normal” liquids exist which have
comparably high surface tensions. But water and
glycerol do display higher contact angles on hydro-
carbon surfaces3 than on CF3and CF2H surfaces;
this is so in spite of the fact that the latter have
lower free surface energies as shown by the be-
havior of non-hydrogen-bonding substances such
as the alkanes. We are led, therefore, to infer that
the lower contact angles of water and glycerol are
caused by a decrease In Tsi resulting from hydrogen
bondln%. Water and glycerol show no abnormali-
ties on hydrocarbon surfaces.3

Where marked deviations from linearity of plots
of cos & versus 7..- have occurred,12 the points
delineating the curved portion of the plots have
been those given by the ver% liquids which we now
see are capahle of hydrogen bonding to appropriate
atoms of the solid surface. Therefore, it is appar-
ent that for non-hydro%en-bondmg liguids the cos
o Versus 7. .- relationship is linear over the entire
range of values of - .- Deviations from linearity
should lead one to suspect the action of stronger
adhesive forces than van der Waals’ forces at the
solid/liquid interface. Hydrogen honding repre-
sents presumably only one type of such forces.

Acknowledgment.— Thanks are due to the Or-
ganic Chemicals Department of the du Pont Com-
pany for donating to us the ai-monohydroperfluoro
acidused in this study.
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DISCUSSION

J. L. Shereshefsky.—How were the contact angles meas-
ured and how reproducible were they?

H. W. Fox.—The methods we used in measuring the con-
tact angles have been described in detail in some of our ear-
lier papers. The contact angle goniometer, for example, is
described in J. Colloid Sci., 1, 513 (1946). The method of
forming the drops by adding small increments to the primary
drop to insure that we were reading the advancing angle in
mechanical equilibrium is described in J. oid W 7
109 (1952). Reproducibility over all was about +2°.
Most of the values were reproducible to +1° for different
specimens of the same solid.

H. B. K 1evens.—From extensive studies in solutions of
perfluoro acids in mixed water-polar compound (alcohols
ethers, acids and amines) solvents, definite evidence is ac-
cumulating which indicates that there is complex formation
of a non-specified nature between perfluorocarbon chains
and polar additives (Klevens, Raison and Vergnolle, un-
published'data). This complexing results in marked in-
creases in solubility and does not involve interaction with
the carboxyl group. One possibility would involve a
helical type arrangement of polar additives about the per-
fluorocarbon chain since we observe a change in various
properties up to approximately a 1:1 ratio of polar compound
to—CF2—in the chain. This is similar to the urea-hydro-
carbon complex wdiich occurs only in the solid state, whereas,
with the perfluoroacids, this possible complexing is noted
in solutions as well.

It is difficult to reconcile or interpret these results on com-
plexing which occur in solution ‘'noth the weak, so-called
“hydrogen” bonding observed at liquid-solid interfaces, as
proposed by Ellison, Fox and Zisman. We have observed
evidence of penetration by alcohols into the perfluorocarbon
region by X-ray studies but as yet no electron diffraction
results have been obtained to show corresponding penetra-
tion of polar molecules into perfluoroacid monolayers. Pos-
sibly, these results, when obtained, coupled with tempera-
ture studies, may tend to clarify the mode of action between
perfluorocarbon chains and polar additives.

H. W. Fox.—The reactions of fluorinated acids mentioned
by Dr. Klevens have of course already been described for
ethers and acetone as well as for the more polar hydrocarbon
derivatives (Hauptschein and Grosse, J . ,
73,5139 (1951)). The latter authors mention the possibility
of hydrogen-bonding as contributing to the effects they
found. But it is difficult to see why the work described by
Dr. Klevens on the behavior of fluorinated acids in polar
hydrocarbon solvents needs to be reconciled with our work
on fluorinated acid monolayers. The work of Klevens, etal,,
which presumably shows a kind of interaction of the urea-
hydrocarbon type concerns an entirely different sort of sys-
tem. It should be remembered that with surfaces compris-
ing adsorbed, close-packed monolayers, the main chain of
the adsorbed molecules is not exposed; only the terminal
atomic groups are available for contact with the liquid mole-
cules. This fact rules out immediately the possibility of the
urea-adduct type of complexing mentioned by Dr. Klevens
for the systems we have described in our paper.

B. Roger Ray.—Can you relate the changes in the van

der Waals forces in the solid/liquid interface to the Young
equation? How do you account for the linearity of cosine
8verss yi?

H. W. Fox.—I believe that this cannot be done at the
present time. The Young equation contains two quantities,
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ys and ybi, which are as yet experimentally inaccessible.

The linearity of cosine 8VEYSUS yI must represent the way

the solid/liquid interfacial tension changes for a given sur-

face, with changes in the liquid surface tension but until the

solid surface tension can be measured, we can only infer

ﬂualitatively how the solid/liquid interfacial tension be-
aves.

J. C. Arnell.—Figure 1 of your paper shows that the
«-alkanes give different slopes on different surfaces when
cosine 8is plotted against surface tension. In the absence
of any polarity in the alkane molecules, has it been possible
to make any quantitative deductions from the different
amount of increase of the wettability caused by increasing
chain length of the alkanes on different surfaces?

H. W. Fox.—We have not yet found a ready explanation
for the differences in slope. Quantitative deductions will be
possible when there is way of determining either the solid
“surface tension” or the solid/liquid interfacial tension.

J. Th. G. Overbeek.—What is the evidence that the sur-
face tension, solid/vapor, ,s., is not affected by the adsorp-
tion of the vapor of the liquid?

H. W. Fox.—To take polytetrafluoroethylene as an exam-
ple, we showed (J. Collod &]., 5, 514 (1950)) that the con-
tact angles of liquids as volatile as heptane are the same on
this solid in air as in air saturated with the liquid vapor.
For less volatile non-spreading liquids it should all the more
be true.

J. Th. G. Overbeek.—Does the term equilibrium contact
angle imply that the advancing and receding angles are the
same?

H. W. Fox.—We have used the term equilibrium contact
angle to mean the advancing angle in mechanical and ther-
mal equilibrium; this is the value we think is significant
in applying the Young equation to low-energy surfaces.
Actually, for many of these surfaces we have found that the
two angles are the same; for example, see J. Colloid Sci.,
7, 465 (1952). This is the case where the surface is smooth
and the liquid molecules do not permeate or attack "he sur-
face. Even on relatively rough surfaces, if the liquid is very
mobile, the advancing and receding angles are frequently
the same. On polytetrafluoroethylene, which is actually a
sintered solid, the receding angle for relatively viscous li-
quids is generally smaller than the advancing angle. But
if a drop of benzene is placed on this surface and liquid is
carefully removed from the drop, the angle will fall momen-
tarily and then the drop will snap into a new position with
the same contact angle as it had originally.

T odd D oscher—Since in the case of the monohydroper-
fluoro-acid films, hydrogen and fluorine atoms are exposed
at the interface, both of which can according to the hypothe-
sis presented, coordinate with the water molecule, would it
not seem reasonable to expect that water would spread on
such films? The contact angle is actually still very high.

H. W. Fox.'—The surface of such a film is very inert.
The contact angle of water on the surface is presumably
substantially smaller than it would be if water were a
“normal” liquid. From what we know of hydrogen-bond
strengths, the contribution of hydrogen-bonding to the work
of adhesion would have to be unreasonably large to make
water spread on this surface. To predict how much such
a contribution would be we should have to know a great
deal more than is known about the detailed structure of
water.
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In connection with studies, by equilibrium dialysis, of the binding of detergent ions by proteins it has been observed that
such ions do not distribute themselves uniformly across a cellophane membrane except at concentrations below the

CMC.
situation being analogous to separate phase formation.

It is demonstrated that micelles do not form in the dialyzate of detergent solutions and an explanation is given, the
It is thus possible to measure the concentration of free ions in equi-

librium with micelles (the CMC) and results are given for two sodium alkylbenzenesulfonate preparations and two alkyl-

benzyldimethylammonium chloride samples.

In addition to the determination of CMC the method provides a measure of

the inhomogeneity of the detergents studied. The anionic detergent preparations appear to contain an appreciable amount
of lower homologs which do not take part in micelle formation in the concentration range investigated. The cationic deter-
gent samples show a more complicated behavior and possible explanations are suggested.

It iswell recognized that surface active ions tend
to form aggregates, known asmicelles, above a char-
acteristic concentration range, with resultant
anomalies in the physical-chemical properties of
their solutions. Conventionally, the so-called crit-
ical micelle concentration (CMC) can be deter-
mined from the deviation of the colligative or elec-
trical properties from those of the normal solutions,
although these methods are usually not sensitive
when salt is present. More recently there have
been developed many other methods among which
are a spectrophotometric dye method,2 a method
hased on dye solubilization,3 and methods based
on spectral properties,4 light scattering,56 polar-
ography,7and bubble pressure.® In this paper will
be Fre_sented another method based on equilibrium
dialysis. In the course of study of the binding of
detergents by proteins we have found that deter-
gents are never uniformly distributed across a
cellophane membrane except at very low concen-
trations below a definite range. These results can
he explained satisfactorily on the basis of micelle
formation and the CM C can be determined by
extrapolation from the equilibrium curves. One of
the advantages of this method isthat both the single
ions and micelles in equilibrium can be determined
in a given experiment. In the case of a homo-
geneous detergent, it also permits the estimation
of the number of ions aggregated in the micelle and
the corresponding equilibrium association constant.
For mixtures of homologs it provides an estimation
of the proFortlon of lower homologs which do not
form micelles under the conditions studied and a
plartlial fractionation can be achieved through di-
alysis.

Experimental

Materials.—Santomerse No. 3, principally sodium do-
decylbenzenesulfonato (SDBS), was supplied by the Mon-
santo Chemical Company. It was freed of inorganic salts

(1) Journal paper No. J-2268 of the lowa Agricultural Experiment
Station, Ames, Project 1223. This research has been sup-
ported by the Office of Naval Research under Contract Nonr-803(00).

(2) M. L.Corrin, H. B. Klevens and W. D. Harkins, J. Chem. Phys..
14, 480 (1946).

(3) I. M. Kolthoff and W. Stricks, T his Journatl, 52, 915 (1948).

(4) W. D. Harkins, H. Krizek and M. L. Corrin, J. Colloid Set., 6,
576 (1951).

(5) P. Debye, This Journatl, 53, 1 (1949).

(6) P. Debye, Ann. N. Y. Acad. Sci., 51, 575 (1949).

(7) E. L. Colichman, J. Am. Chem. Soc., 72, 4036 (1950).

(8) A. S. Brown, R. U. Robinson, E. Il. Sirois, H. G.
W. McNeill and A. Tofias, This Journal, 56, 701 (1952).

lowa.

Thibault,

by dispersion in 95% ethanol and kept in an air-tight bottle
after lyophilizat.ion. Its apparent number-average mo-
lecular weight was 354, as determined by Parr bomb sulfur
analysis.

Technical alkyldimethylbenzylammonium chloride (50%)
was furnished by Onyx Oil and Chemical Company. The
principal constituent was ra-dodecyldimethylbenzylammo-
nium chloride (DDBAC). The molar concentration of a
stock solution was determined by micro-Kjeldahl analysis,
on the basis of one equivalent nitrogen per mole detergent.

Samples of SDBS and DDBAC (labeled 95% Ci2 isomer)
were also purchased from Wipaway Products.

All buffers were made with reagi\e)lnt grade chemicals:
(1) Phosphate-NaCl buffer—0.0321 KZ2HPO04 0.0036 M
KHZ 04and 0.100 M NacCl, pH 7.7 and ionic strength 0.20;
(2) glyeine-NaCl buffer—0.090 M glycine, 0.010 M HC1 and
0.090'M Nacl, pH 3.3 and ionic strength 0.10.

Equilibrium Dialysis.—Visking cellophane casings, 26 2
inches in diameter, were previously boiled in water three
times for half an hour, followed by thorough rinsing each
time. Twenty-ml. portions of detergent solution were
placed in the air-tight bags and then equilibrated against
equal volumes of the solvent in test tubes. In the case of
SDBS it was necessary to prevent contact of the solution
with rubber by covering the stoppers with aluminum foil.
Controls containing solvent only were prepared in the same
manner. The tubes were shaken gently for two days. Both
the dialyzed solutions and the dialyzates were then diluted,
if necessary, and analyzed spectrophotometrically. In case
that a second equilibrium dialysis was desired, both solu-
tions were re-equilibrated against fresh solvent separately.

Spectrophotometric  Analyses.— Measurements of the
ultraviolet absorption of detergent solutions were made on
a Beckman model DU spectrophotometer. The optical
densities of SDBS and DDBAC were determined at the wave
lengths of 223 and 263 NP, respectively (see below).

Results

Ultraviolet Absorption by Detergent Solutions.—In order
to study the mass relation between the micelles and single
ions of detergent, it is necessary to measure quantitatively
the detergent concentrations. A  spectrophotometric
method was thus developed for this purpose.* The ultra-
violet absorption spectrum of SDBS in phosphate-NacCl
buffer is shown in Fig. 1, where a maximum absorption is
observed at a wave length of 223 mji. The optical densities
at maximum absorption of a series of dilute SDBS solutions
were found to follow Beer's law within the ranges studied
(optical densities below 2). The apparent molar extinction
coefficient, e, was 11,100. The assumption was made that
the various homologs of varying alkyl group possessed the
=sae e (see Discussion).

Random errors were frequently observed in the second
decimal of the optical readings. The most serious source
of error came from the dialysis bags. Even with pretreat-
ment (boiling), a blank reading of about 0.05 or higher in
optical density was usually present. This was not too seri-
ous for high SDBS concentrations, but would introduce
appreciably large errors at very low SDBS concentrations.

. g(9gl The ultraviolet method is applicable only to detergents contain-
ing aromatic groups.
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Fig. 1.—Ultraviolet absorption spectra of detergent solutions; O, SDBS, 1.38 X 10~4M., in phosphate-NaCl buffer (pH
7.7, r/2 = 0.20); =, DDBAC, 2.86 X 10~3M, in glycine-NacCl buffer (pH 3.3, r/2 = 0.10).

Thus control runs were frequently made to minimize this
trouble.

Also shown in Fig. 1is the absorption spectrum of DDBAC
in glycine-NaCl buffer, where two maximum peaks are ob-
served at the wave lengths 263 and 269 myu. The former
had a slightly higher molar extinction coefficient, € of 400
and thus was taken for routine analyses. Again Beer’s law
was obeyed within the concentration range used. Actually
there existed another much higher maximum absorption
around 210 m/j, which, however, was not used because of
the limitation of the instrument.

150
(Ds + Dm) x 104 M.

200

Fig. 2.—Equilibrium dialysis curves of SDBS solutions at 25 + 3°.
I, water; 11, phosphate-NaCl buffer (pH 7.7, r/2 = 0.10) and 111 phosphate-NacCl

buffer (pH 7.7, r/2 = 0.20).

Equilibrium Dialysis Curves on SDBS.—In Fig. 2 are
shown the results on SDBS by equilibrium dialysis at differ-
ent salt concentrations. In very dilute solutions the SDBS
concentrations were virtually equivalent on both sides of
the membrane. As the concentrations increased the curves
deviated from the ideality of simple electrolytes with re-
sultant curves of much smaller slopes, indicating the forma-
tion of micelles. In this stage the concentration in the di-
alyzate represented the single ions (D,) which were equiva-
lent to those in equilibrium with the micelles inside the mem-
brane after due correction for Donnan equilibrium. The
concentrations in the dialyzed solu-
tions represented the sum of both
the single ions and the micelles in
monomeric units (Dm).  Since
these solutions were diluted to con-
centrations below CMC it was not
necessary to consider possible dif-
ference in absorption properties be-
tween micelles and free ions. The
results on unbuffered solutions are
shown as curve I, where the D
concentrations inside the membrane
were calculated from those outside
after due correction for the Donnan
effect. Curves Il and 111 were car-
ried out in phosphate-NaCl buffers
at ionic strengths of 0.10 and 0.20,
respectively.

Second equilibrium dialyses of
both the dialyzed solution and the
dialyzate of curve 111 are illustrated
in Fig. 3 (curves llia and IHb).
Also shown in Fig. 3 are experiments
on partially fractionated SDBS
solutions. Curves IV and V were
the results of fractionation by di-
alysis. A 100-ml. volume of 5%
solution in phosphate-NaCl buffer
was dialyzed twice against one liter
of fresh buffer for one day each,
and the equilibrium curve was made
on the dialyzed solution (curve 1V).
Another 200-ml. volume of 5% solu-
tion was dialyzed continuously
against 16 liters of buffer which

Solvents:
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flowed at the rate of about 5 ml. per
minute (curve V). In curve VI the
fractionation of SDBS solution -wes
achieved by a precipitation method.
This was done in the following way:
a 1% SDBS solution (buffered) was
stored overnight at 1-3°. After
centrifugation the precipitate was
redispersed in fresh solvent and
equilibrium dialysis runs carried out.

Equilibrium Dialysis Curves on
DDBAC.—Analogous to Figs. 2 and
3, a series of equilibrium dialysis
curves for DDBAC are plotted in
Fig. 4. Curve | represents the re-
sults on unbuffered solutions, curve
11 the results in glycine-NaCl buf-
fer, and curve 111 the results of the
second equilibrium dialysis of the
dialyzates of solutions from curve
Il.  In addition results are shown
for the second dialysis of the dia-
lyzed solution from 1l and for a
sample partially purified by dialysis
of a 5% solution against two
changes (1 1) of buffer. These re-
sults are seen to fit curve 11 within
the limits of accuracy.

Values of CMC.—In Table | are
listed the values of CMC for SDBS
and DDBAC as determined by the
equilibrium dialysis method. These
values were determined by extra-
polation of the second linear portion
of the plots of As versus(DB+ Dnj
to zero on the ordinate for reasons
mnhich wiill be discussed.

Tabre |

CMC or Detergents

Temp., cMC
Detergent Solvent °C. X 10* M
Santomerse No. 3 Water 25 12
2 18

Phosphate-NaCl

Buffer (pH 7.7)
(a) r/2 0.10 25 5.2
(b) r/2 0.20 25 2.8

SDBS (Wipaway Same as (b) 25 2.0
Products)
DDBAC (Onyx Oil Water 25 24
and Chemical Co.) 2 21
Glycine-NacCl 25 8.5
pH 3.3, r/2 0.10
DDBAC (Wipaway Same 2 3.9
Products)
Discussion

Basis for the Determination of CMC.- Since the
micelles are in equilibrium with single ions, it
might be expected that a distribution of micellar
sizes exists. Experimentally, the critical concen-
tration is, however, limited to a narrow range, and
the large micelles are favored in the distribution.
As a first approximation, assuming a single species
of micelle to exist, the aggregation of ions to form
micelles can be conveniently expressed by the
equilibrium

nD < > Dn (1a)
where n is the number of single ions aggregated in a
micelle. Let K be the apparent equilibrium associ-

ation constant, since the activity coefficients are
not determined. Then
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Fig. 3.—Equilibrium dialysis curves of SDBS solutions in phosphate-NaCl buffer
(pH 7.7, r/2 = 0.20) at 25 + 3L
and IHb, second equilibration of the dialyzed solution and the dialyzates of curve
111, respectively; 1V, fractionated, by batch dialysis; V, fractionated, by continuous
dialysis; and VI, fractionated, by precipitation at low temperature.
of fractionation, see text.

111, unfractionated, same as Il in Fig. 2; llia

For methods

where Dmand Daare the respective concentrations
of micellar and single ions in monomeric units.
During equilibrium dialysis the single ions can
diffuse freely through the cellophane membrane,
whereas the micelles remain non-diffusible because
of their large sizes. It was first assumed, on the
basis o: the reversibility implicit in (1}7, that at
equilibrium micelles would exist on both sides in
equal concentrations. As soon as some of the
single :ons Pass through the membrane, more
micelles would dissociate and the equilibrium shift
to the left. This, however, turned out to be not
true, asiswell illustrated in the equilibrium dialysis
curves, where the detergent concentration in the
dialyzate is much smaller than that in the dialyzed
solutgon.except in extremely dilute solutions. The
possibility of the existence of non-diffusible im-
purities was ruled out because of the fact that the
deviation was not a linear function of the total
amount of detergent used. The effect of insuffi-
cient dialysis was also eliminated. In a prelimi-
nary study equilibrium was usually reached after
several hours shaking at room temperature. Thus
two-day dialysis proved more than enough for
equilibration. In fact |Erolonged dialysis of a
period of over one month virtually did not affect
the results obtained.

The only logical explanation seems to be that the
diffused single ions in the dialyzates did not associ-
ate to form micelles. In order to prove this a
second equilibrium dialysis was thus carried out for
hoth the dialyzate and the dialyzed solution of the
first equilibration, separately, against fresh sol-
vent. As is clearly illustrated in Fig. 3 (curves
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(Ds + Dm) x103 M

Fig. 4.—Equilibrium dialysis curves of DDBAC at 25 +3°.
Curve Il, =, first equilibra-

Il and 111, glycine-NaCl buffer (pH 3.3, r/2 = 0.10).
tion; a, second equilibration;
A, second equilibration of the dialyzates of = in curve Il.

Critical Micelle Concentration: By Equilibrium Dialysis

and 0O, fractionated, by batch dialysis.
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At very low concentrations
the dialyzates in general were
found to contain somewhat
less SDBS than the dialyzed
solution. This is interpreted
as meaning that higher molec-
ular-weight homologs are
present which form micelles
at concentrations below the
range studied.

Heterogeneity of Deter-
gents— It hasbeenknown that
increase by one CH2group in
the alkyl chain of detergent
homologs roughly decreases
the CMC by about70%. For
a commercial detergent like
Santomerse No. 3, the lower
homologs of the alkylbenzene-
sulfonates would be expected
to form micelles at much higher
concentrations than the higher
ones. It is further concluded
that a certain fraction of the
detergentdid not form micelles
at all under the conditions
studied. This conclusion was
reached on the basis of the
following facts. First, the Da

Solvents: |, water;

Curve 111,

[Il and Ilia and b), after re-equilibration of the values in the dialyzate increased aprreciany with

first dialyzate the detergent concentrations on both
sides of the membrane are indeed equivalent to
each other (curve Illb), a fact indicative of the
absence of micelles. On the other hand the opf)o-
site is true for curve Ilia, where again the micelles
play a determinant role. The fact that curves
[11and Ilia do not coincide can be easily explained
gnlthe) hasis of heterogeneity of the detergent (see
elow).

It is thus clear that micelles will not form in the
dialyzate and it is desirable to seek a theoretical
hasis for this fact. Such an explanation is not
difficult, indeed is quite obvious in view of the
known properties of detergent micelles. Thus, if
the value of nin equation %1) is large, of the order
twenty or over as generally appears to be the case,
the concentration of free detergent in equilibrium
with micelles is essentially a constant (it will
depend only on the nth root of the micelle concen-
tration). This, in fact, is the significance of the
CMC. Thus the free concentration in the di-
alyzate can never exceed this concentration by an
appreciable amount. If it is further assumed that
the rate of formation of micelles is typical of nuclea-
tion processes in general, that is depends directly
on the excess concentration over and above the
critical concentration, it is clear that micelle
formation will not proceed at a finite rate.D

This does not imply that all micelles must be of
uniform size. It does seem to require, however,
that no micelles exist having n values of less than
perhaps 5 or so.

in two-phase systems, for example, In"the equilibration
va or,|R %lch%aselt |s?oun t gt the liqui Hased_oesnot
_r§ce|ver s0 long as uniform temperature IS

gqm with
maintained.
indebted to Dr. R S. Hansen for a f?elpflﬁ dISCUSS?On op t%(ljs point.

orm In the
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the increase in Ds+ Dmin the dialyzed solution,
contrary to the fact that above CMC the free
ions should increase only slightly with increase in
total concentration. Neglecting the Donnan cor-
rection in the presence of salt, the concentrations of
the single ions on both sides of the membrane minus
2 X CMC were equal to about 20%!of the initial
SDBS solution used, indicating that a definite
portion of the detergent remained in a molecularly
dispersed state even at considerably higher concen-
trations. Secondly, the Davalues could be well
over the solubility of SDBS as a whole (at 1-3°
in phosphate-NaCl buffer observable turbidity ap-
peared at about 0.01%). Thirdly, in Fig. 3, curves
[11 and Ilia did not coincide, contrary to the pre-
sumed thermodynamical reversibility of equation
(1). In fact above CM C the slope of curve Ilia
was much smaller than that of curve I1l, presum-
ably because of the removal of half of the lower
homologs which did not form micelles in the first
equilibration. It is because of the presence of these
impurities that it is desirable to carry out the ex-
trapolation in order to determine the CMC. As
can be seen in Flg_. 3, the intercepts of curves 11 and
[lia on the ordinate are almost identical. This
seems to justify the method of extrapolation

The situation in the case of the cationic deter-
Fent samples is similar. The slope of the first
inear region is very nearly 1.0 suggesting that in
this case no homologs are present which form
micelles at lower concentration than the indicated
CMC. The results are more complicated, how-

. 103 The situatioP is thus t?nalogousto tt\e rate of(g)ﬂase,f rmationever, in that the sloi)e of the second linear region

is not appreciably altered by dialysis. Thus this
second region cannot be explained on the basis of
contamination by homologs which do not take
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part in micelle formation. No really adequate
explanation can be given at this time but two
possibilities suggest themselves (1) lower homologs
are %tesent which will not themselves form micelles
in this concentration range but which will par-
ticipate in micelles formed essentially of higher
homologs, and (2) the micelles formed possess a
relatively broad range in size distribution so that
the all-or-none reaction in equation (1) is a ﬁoor
aﬁproxpmatlon. At concentrations above those

own in FI%. 4 afew experimental points have been
obtained which suggest that the curve eventually
levels off. It should be pointed out that the
results with this class of detergents appear to be
much less reliable and more scattered than with the
other, partially due to the much lower extinction
coefficient and perhaps Eartially due to the fact
that much less time has been spent in this case so
that the techniques used are not so well developed.

It is of interest that substantially the same
results were obtained with the SDBS samples from
the two sources, as well as with the two DDBAC
samples. It would be of interest to perform similar
experiments with samples of the highest possible
purity.

Anotherpoint deserves consideration, that is, the
effect of detergent hetero%eneity on the ultra-
violet absorption. In a preliminary experiment it
has been found that the ahsorption curves of both
the dialyzate and dialyzed solution are similar
to that of the whole detergent and have their peaks
at 223 and 263 mu for the two cases. However,
it is quite conceivable that the molar extinction
coefficients, e of different homologs might be some-
what different from one another.  Since the actual
distribution of homologs was not known, it is almost
impossible to make any correction in the determina-
tion of the detergent concentrations. It was
therefore assumed that all the homologs had the
same <values, which probably is not too far from
the fact. In the extreme cases, the slopes of the
equilibrium curves might be somewhat shifted.

Partial Fractionation of SDBS.— AS it has heen
concluded that the lower homologs in the SDBS
did not form micelles under the conditions studied,
it is thus possible to carry out partial fractionation
of the detergent. From Fig. 3 it is evident that
most of the lower homologs could be removed
either through dispersion in the supernatant
solution at low temperature (curve VI, precipita-
tion method) orthrough batch orcontinuous dialysis
(curves IV and V, dialysis methods). Conse-
quently the slopes of these curves were much
smaller than that of unfractionated SDBS.

Calculation of n and K — Theoretically the ex-
perimental data obtained from equilibrium dialysis
would enable one to calculate the number of single
ions aggregated in a micelle, n, and the equilibrium
association constant, K, provided the distribution
of micelle sizes (n) is narrow. From equation (Ib),
we obtain

log Dm—log N = Nlog Ds + log K (2)

After equilibration the concentrations of SDBS
inside the membrane (£>0 and outside (D 0) are

D, = D, + Dmand D, = D, 3)

S
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Substituting (3) into
equation, we have

log Do = (1/n) log (Di - Do) + (1/n) log (1/nK) (4)

Since Diand DOare experimentally determinable, a
plot of DOversus (A - DO) on a logarithmic scale
should ﬁive a straight line with a slope equal to
I/'n. The value K can also be determined from
the intercept togetherwith the value of n. .
OWIH? to the presence of lower homologs which
do not form micelles under the conditions studied,
it is necessary to modify equation (4). Let A be
the initial total concentration of SDBS used and

(2) and rearranging the

a the mole per cent, of lower homologs. Then,
after equilibration equation (3) becomes
Di=D,+ Dm+ aDt2 (4a)
and
Do = D, + aDt/2 (4b)

Consequently, equation (4) becomes

log (Do - aDt/2) = (I/n) log (Di - D,) +
(1/n) log (1/nK) (5)

The term (A - will still be the same, but the
apparent A (= Dg in equation (4) will be much
greater than it should be. Thus, the graphic
value of n according to equation (4% will be too
small to be of any meaning. Since the value of a
could not be accurately determined, no further
speculation on the values of nand K are given here.

Influence of Salt Concentration and Temperature
on CMC.- From Fig. 2 it is clear that our results
are at least qualitatively in agreement with the
known fact that addition of salt decreases the CM C.
A plotof CM C values for SDSB versus the gegenion
concentrations on a logarithmic scalegaveastrai%ht
line with a slope of - 0.3. According to Hobbs’
theoryll the slope should be around -05. No
great S|Fn|flcance can be attached to this result
since only three experimental points were available.
However, it seems indirectly to prove that the
“abnormal” equilibrium dialysis curves were really
the results of micelle formation.

Owing to the low solubility of SDBS in buffered
solution at 1-3°, the CM C at this temperature
could not be determined. For aqueous solution
without salt, it is surprising to find that the CM C
was much lower than that at room temperature as
indicated in Table 1. In the literature no general
conclusion has been reached with regard to the
temperature effect on CMC and this question
still awaits further investigation.

For aqueous solutions without salt, the Donnan
correction became an important factor. Our
experimental calculations on the single ions in
equilibrium with the micelles were based on the
assumption that there were no gegenions aggregated
to the micelles. This would tend to give a slope of
the equilibrium curve somewhat smaller than it
should be and consequently some errors might be
introduced in the extrapolated CM C value.

Huff, McBain and BradyL2reporteda CM C value
for Santomerse No. 3 of 0.005 M at 30° and 0.0065

(11) M. E. Hobbs, This Journal, 55, 675 (1951).
(12) H. Huff, J. W McBain and A. P. Brady, ibid.,, 55, 311
(1951).
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at 50° whereas Pa?uette, Lingafelter and Tartar13
obtained a value of 0.0012 M at 60°. Our results
are of the same order of magnitude, although the
temperature was different, Huff, et al.,220bserved
a distinct positive slope in their plots of g vs. m
(g = osmotic coefficient) above the CMC. It now
seems probable, in view of our results, that this was
largely due to the low molecular-weight impurities.
More recently, Brown and co-workers8 have ob-
served four CM C values for Santomerse No. 3,
the highest of which (0.002 M) was close to what
we have found. It was not possible to determine
the lower CM C values in the Eresent study because
of the limit of sensitivity of the ultraviolet absorp-
tion technique. However, as has been mentioned
earlier, our equilibrium curves did indicate the
presence of micelles below the CM C reported.

In conclusion, it is felt that the observation that
distinction can be made between micelles and free
ions through equilibrium dialysis should prove to
be of considerable value. By use of techniques
other than ultraviolet absorption it should be
possible to extend the method to other detergents,
and perhaps to lower concentration ranges. As a
means for obtaining information on the degree of
homogeneity of a detergent specimen it should be
of some importance. Finally, it seems probable
that there maK be other, entirely different, implica-
tions which should be considered, for example the
distribution of lipids across living membranes.

DISCUSSION

Karot J. Mysers (Communicated by J. Th. G. Over-
beek).—The paper by Jen Tsi Yang and J. F. Foster pre-
sents ideas which could be of far-reaching significance in the
theory of association colloids. These are all based on the
statement that the only logical explanation of their results
is that the single ions in the outer solution do not associate
to micelles. 1 would like to point out, however, that there
is no direct evidence whatsoever in their paper that micelles
are absent in the dialyzate, such as light scattering, solu-
bilization, or conductivity effects. The only fact is that
the optical density of the outside solution is above the CMC
and below the optical density of the inside solution.

The authors used technical products which presumably
contain considerable amount of non-detergent water-insolu-
ble oils with the same aromatic nuclei and hence similar
optical density.

There seems, therefore, to be an alternative explanation
which is much simpler and not so revolutionary. The cello-
phane membrane is not permeable to the oils, which remain
solubilized in the inside solution above the CMC and de-
posit on the walls during equilibration below it. Thus, be-
low the CMC the optical densities are approximately equal
on both sides. Above the CMC the solubilized oils have
two effects: (1) They contribute to the optical density of
the inside solution, and (2) they lower the activity of the
micelles and thus cause a higher concentration of detergents
in the inside solution.

Obviously on repeated dialysis the effects observed by the
authors would be expected.

If the hypothesis of the authors of the paper is correct,
the same effect should be obtainable without difficulty in
pure detergents. We are attempting to conduct such a
test, but it may be mentioned that Dean and Vinograd
(/. Phys. Chem, 46, 1091 (1942)) found that a much purer

(13) It. G. Paquette, E. C. Lingafelter and Il. V. Tartar, J. Am.
Chem. Soc., 65, 68C (1943).

Criticai, Micelle Concentration. By Equilibrium Dialysis

633

detergent (Aerosol) diffused normally toward equal con-
centration through cellophane between solutions which were'
both above the CMC.

1.
fortunate that these preparations were not better charac-
terized. How-ever, ultrafiltration and the above dialysis
technique repeated with sodium dodeeyl sulfate have been
found to yield almost identical curves and are generally
consistent with the results reported here. Subsequent meas-
urements have shown that the dialyzate of Santomerse is
composed of low molecular weight non-micellar material by
the dye titration technique. McBain (“Advances in Colloid
Science,” Vol. |, Interscience Publishers, New York, N. Y.,
1942, p. 133) in reporting some results from his laboratory
states that Merrill has found that solubilizers are effective in
bringing insoluble substances into aqueous solution, even
when separated from them by a membrane permeable only
to ions; and that Vinograd found that a solubilized dye
does not pass through a membrane into water but that the
detergent does. However, when a detergent solution is ex-
ternal to the membrane, both detergent and oil pass through.
These various data would tend to indicate that the solubi-
lized oil stabilized the micelle. These results are not self-
consistent nor are they completely in accord with the above
discussion of Mysels and Overbeek. They indicate that the
passage or non-passage of sufficient concentrations of sur-
factant to produce micelles may depend to a large extent
on the particular experimental and environmental condi-
tions.

Joseph F. Foster.— I he suggestion of Dr. Overbeek and
Dr. Mysels isavery interesting one which had not occurred to
us. We mustadmit the possibility, indeed probability, of con-
taminants of the type suggested. The critical point of dis-
pute is whether or not micelles form in the dialyzate. Qual-
itatively we can say that the turbidity of the dialyzates is
very low, approaching that of the buffer itself. I-agree that
it would be very desirable to test more carefully for the pres-
ence of micelles by turbidity and dye-solubilization studies.

Joseph F. Foster (Communicated).-—Following the ques-
tion raised by Drs. Overbeek and Mysels we performed the
following experiment: twenty ml. of a 5% Santomerse so-
lution in phosphate buffer (pH 7.7, T/2 0.20) dialyzed for
24 hours against the same buffer at room temperature (with
shaking). The concentration in the dialyzate was deter-
mined to be 0.011 M by ultraviolet absorption assuming all
species to have the molar extinction coefficient used in our
paper. The dialyzed solution and the original undialyzed so-
lution were diluted to approximately the same concentration
with buffer (actual concentrations determined by ultraviolet,
absorption were 0.013 and 0.015, respectively). Turbid-
ities, determined at 90° without correction for dissymmetry
but corrected for solvent scattering, were 0.16 X 10“ 1for the
dialyzate, 72 X 10-4for the dialyzed solution, and 100 X 10~4
for the undialyzed solution at the concentrations indicated.
The turbidity of the dialyzate was only about 10% greater
than that of the buffer alone. In addition solutions were dye
tested for the presence of micelles bv the pinacyanol chloride
method of Corrin, Klevens and Harkins, J. Chem Phys,,
14, 480 (1946).

Both the dialyzed and undialyzed solutions showed solu-
bilization of the dye, the solution being clear and deep blue.
The dialyzate, on the other hand, yielded only a weak pink
color, the bulk of the dye settling out, definitely indicating
the absence of detergent micelles in spite of the fact that the
total concentration was of the order of 100 times the CMC
for the detergent sample as a whole.

These results appear to confirm rather conclusively our
contention that the results we observed are due to the failure
of nucleation and micelle formation in the dialyzate.

We wbuld like to point out also that unless it can be shown
that Aerosol OT is a completely homogeneous preparation,
the results of Dean and Vinograd, J. P?'lys , 46, 1091
(1942), cited by Drs. Overbeek and Mysels as in conflict
with our contentions, cannot be taken as evidence for or
against our mechanism.

B. k 1evens.—As has been mentioned above, it is un-
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The Polanyi theory of the adsorption from solution of solutes of limited solubility is corrected and generalized to non-ideal

solutions of complete miscibility. Necessary assumptions and their limitations are discussed.

Isotherms for the adsorption

of water, propanol-1 and butanol-1 from the vapor phase at 25° have been measured and the results used to calculate iso-

therms for the adsorption of propanol-1 and butanol-1 from aqueous solutions.

The calculated isotherm is in qualitative

and rough guantitative agreement, in the case of propanol-lI-water, with that observed experimentally. Deviations in the
butanol-l-water system are more pronounced. Reasons for these deviations and appropriate corrections are suggested.

I. Introduction

So far as the authors are aware the only at-
tempts at general theories of adsorption from solu-
tion are due to Polanyi,2 Ostwald and de la Iza-
guirre3 and Kipling and Tester.4 Problems in-
cident to the formulation of such theories have been
extensively reviewed by Kipling.6

Of these treatments, that of Ostwald and de la
lzaguirre is strongly empirical, and its limitations
are excellently presented by Kipling and Tester.4
The treatment of Kipling and Tester is limited to
umimolecular adsorption, and will be discussed in a
later paper. The treatment of Polanyi, with
corrections and modifications, appears suited for
the discussion of multimolecular adsorption from
solution. It is the purpose of this paper to correct
and generalize the theory of Polanyl and to test
the generalization experimentally.

The Polanyi theory of adsorption from solution
developed from the Polanyi theory of adsorption of
single com?_onent gases and was limited to solu-
tions of slightly soluble solutes.2o The Polanyi
theory of gas adsorption (for condensable gases
which we shall consider in this paper) may be
summarized as follows: at any point in the neigh-
borhood of an adsorbent surface there exists an
adsorption potential e; points with the same value
of eform a surface approximately parallel to the
adsorbent surface and enclosing with the surface a
volume <€ The function €8 is assumed temgera-
ture independent. Given an adsorf)tion isotherm
ﬂ%P/PQ, the function ¢<?) can be calculated by use
of the equations

e= RT In Po/P (1)
0=m 2)

in which P is the pressure at which n moles of gas
are adsorbed, POis the saturated vapor pressure and
¢il is the liquid molar volume at the temperature of
the adsorption isotherm. The function e($) being
established from one isotherm, isotherms at any
other temperature can be calculated from these
same two equations. The status of this theory to
1942 has been reviewed by Brunauer.6 More

(1) Work performed in the Ames Laboratory of the Atomic Energy
Commission.

(2) (a) M. Polanyi, Verh. deut. physik. Ges., 18, 55 (1916); (b)
M. Polanyi, Z Physik, 2, 111 (1920).

(3) Wo. Ostwald and R.'de la lzaguirre, Kolloid-Z., 30, 279 (1922).

(4) 3. J. Kipling and D. A. Tester, J. Chem. Soc., 4123 (1952).

(5) J.J. Kipling, Quart. Rev.,, v, No. 1, 61 (1951).

(6) S. Brunauer, “The Adsorption of Gases and Vapors,”
University Press, London, 1945, pp. 95-120.
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recentlr, theoretical developments due to Halsey7
and Hill8can be considered as furnishing analytical
forms to the function e[£) of the type e =
or e= k<3

Polanyi's theory as applied to adsorption from
solution2cannot be general, for it is not symmetric
with respect to solute and solvent. This may be
seen most readily from his equation 9A which, in
modern notation, can be expressed in the form

F2U — Mez= — V2RT Indi 3)
in which ai is the activity of component 1 referred

to a standard state of pure component 1. By
exactly parallel arguments it follows that

Fie, - f2i = - VIRT Ina (4)
and therefore

ki>n

PiIna« = — P2In o1 (5)
But this is impossible, since both a2 and a\ have

unity as upper bounds, and vxand Va are both
usually positive.

Il. Theoretical

Consider a solid adsorbent in equilibrium with a binary
liquid solution of components : and 2. Let Aifbe an in-
finitesimal volume increment enclosed between two equi-
pot.ential surfaceso and o + Ao . Considering Ao invariant
ihe condition for equilibrium between material in A0 and
bulk solution follows from the invariance of total free energy
under constrained infinitesimal mass transfer. Thus

5F= 0= (mic— Mb)5T0 + (%~ MBI (6)
subject to
5A0 = 0 = T1050)i0 + \& @
whence
MO~ MB _ Mp>~ MB n

in which Mii and \-4 are the chemical potential and partial
molar volume of component i at the position o and mib is the
chemical potential of component i in bulk. Now

ME_ MB = Mt —MiB + RT In o 9)
in which the activity @ is referred to pure liquid component
i at o, GB to pure liquid i in bulk. From (s) and (9) it
follows that

TIA = LfiK e-[(M°i* - n®ib) - v *°m)]/RT j
LIS [l neib] - «(n m)] (io])
where
a= fIOF2
Assumptions. |.—nwo “ MIB = —¢j(<f), the Polanyi

(7) G. D. Halsey, J. Chem. Phys., 16, 931 (1948)
(8) T. L. Hill, ibid., 17, 590 (1949).



Oct., 1953

potential of pure component i at $as obtained from the gas
adsorption isotherm of component i.

2. —Vi* is the same function of x-$, the mole fraction of

at $3as ViBis of 'ob, the mole fraction of i in bulk. In this
paper we have used the molar volumes of the pure liquids
rather than the partial molar volumes; this simplifies cal-
culations considerably and with the systems used was a
minor approximation; it is not in principle a necessary one.

3 —ai*/a«j* is the same functon of XI4 as am/a«® is of £ilgontained in Hill's paper.

the latter function being determinable experimentally by
activity measurements. With these assumptions (10) be-

comes
0 - cCWWRT i
ROV o
whichis of the form
Gid) = Ofxb)H) (12)

For a specified XMand 4% G(X:0) is determined by equation
(11), and hence, by assumption 3, X4, is obtained by inver-

sion. For any value of XM the predicted adsorption is
therefore

TAd

m (13)

in which \#and f v are the molar volumes at $>and in bulk,
respectively.

It should be noted that, if «(<0 happens to be of the form
h/l]>3 as would be expected from Hills’'s treatment8 then

[(<(>) becomes exp K8 where K = A=(Ki —aK3, and be-

cause of the nature of the function G(le\), X4, will be always
greater or always less than «i», so that inversion of adsorp-
tion appears to be impossible in this case. Different ex-
ponents of 4>in Halsey type potential functions may well
lead to adsorption inversion. In any event, the possibility
of using analytical forms for ei(o ) is attractive.

Fig. 1.—Isotherms for the adsorption of water, propanol-1
and butanol-1 by Spheron-6 at 25°.
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It should further be noted that an analogous develop-
ment, using a constant area rather than a constant volume
increment constraint, could he made and would be suitable,
subject to validity of assumptions analogous to those made
herein, for the discussion of unimolecular adsorption.

Finally, certain reservations concerning the validity of
the three assumptions basic to this development should be
stated explicitly. These are: 1. The clearest indication
of the nature of the functions €(f) of which we are aware is
Basically, t(tj>) is attributed to
the total van der Waals attraction between a molecule in the
adsorption region and all of the molecules in a semi-infinite
slab of adsorbent. Between each molecule in the slab and
the molecule in the adsorption region there exists an inter-
action energy of the form 0/rS I being the distance between
interacting molecules. Integrating this over the slab leads
to a total interaction energy of the form y/x3, Where x is the
distance of the adsorbed molecule from the slab, propor-
tior?al to ¢ The $~3 dependence of «<f) follows immedi-
ately.

The basic van der Waals interaction, if carried out through
a dielectric, can be shown by trivial modification of the
treatment given by Pauling and Wilson9to depend inversely
on the square of the dielectric constant, which would lead
to the same dependence on the part of This would
have no effect on the form of «<» in single component ad-
sorption, but could in principle cause 6( to vary, at fixed
Qy with composition of material enclosed between €and the
adsorbent surface in the case of multicomponent adsorption.

2. The partial molar volumes of materials in the neigh-
borhood of the adsorbent surface might differ from their
values in bulk solutions of the same composition because of
orientation and compression due to the adsorption poten-
tial. For liquids well below critical temperatures and mod-
erate adsorption potentials (less than 10 keal.) deviations
due to these effects should be minor.

3. Strong orientation of adsorbed molecules may alter
the interaction between components of the binary solution
in the neighborhood of the surface and thereby alter ac-
tivity coefficients at fixed composition. Again, this effect
could be expected to be more important at higher adsorption
potentials.

11l. Experimental

Isotherms for the adsorption of water, propanol-1, and
butanol-1 on Spheron-6 at 25° were determined gravimet-
rically using a magnetically compensated balance of the
type described by Edwards and Baldwin.D The balance
was enclosed in a sealed glass system. Vapor was intro-
duced into this system through a sidearm which led to a
bulb containing the corresponding liquid. The pressure
at wdiich adsorption occurred was the vapor pressure of the
liquid at the temperature of this bulb. Approximately 0.5
g. adsorbent was placed in a platinum bucket which was
suspended from one end of the balance; the other end of the
balance was counterweighted with platinum ware. The
adsorbent and the reservoir bulb were thermostated inde-
pendently, the adsorbent at 25.00 + 0.02°, the bulb reser-
voir to temperature necessary for desired pressure to within
0.1°. Pressures were computed from measured bulb tem-
peratures using vapor pressure data from the International
Critical Tables (in the case of butanol-1 this involved ex-
trapolation of measured data, for which the lowest tem-
perature at which a vapor pressure was given was 20°.
Isotherms for the adsorption of propanol-1 and butanol-1
from aqueous solution were available from work of Hansen
and Craig.ll Activity data were taken from work of Butler,
Thomson and MacLennan.2

The Spheron-6 was purified by heating in high vacuum to
1000° for 24 hours, cooled, and stored in a mason jar for sub-
sequent use; the same material was used for solution ad-
sorption and gas adsorption measurements. Prior to gas
adsorption measurements the Spheron-6 was outgassed at
25° for 12 hours. The surface area was determined by the
Brunauer-Emmett-Teller method using nitrogen adsorption
to be 114 square meters per gram.

(9) L. Pauling and E. B. Wilson,
Mechanics,” McGraw-Hill Book Co., Inc.,, New York, N.Y.,
384-5.

(10) F. C. Edwards and R. R. Baldwin, Anal. Chem., 23, 357 (1951).

(11) R. S. Hansen and R. P. Craig, to be published.

(12) J. A. V. Butler, D. W. Thomson and W. H. MacLennan, J.
Chem. Soc., 674 (1933).

Jr., “Introduction to Quantum
1935, pp.
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IV. Results

Isotherms for the adsorption of water, propanol-1 and
butanol-1 on Spheron-6 are presented graphically in Fig. 1.
Hysteresis on desorption appeared negligible in the case of
propanol-1 and butanol-1, but was appreciable in the case of

Fig. 3.—Adsorption of propanol-1 from aqueous solution by
Spheron-6 at 25°.

Robert S. Hansen and Walter V. Facicler, Jr.

figures, ordinates are
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Spheron-6 at 25°.

water over the entire reduced pressure range (the desorption
isotherm was higher than the adsorption isotherm by very
nearly 0.2 millimole per gram over the range 0.2 < p/po<

0.7, the difference decreasing to 0.1 millimole per gram at

PO = 0.1 and 0.9). The adsorption isotherm shown

was used in calculations; it lay between isotherms reported

by Anderson and Emmett13 for Spheron-6 and Spheron-6

outgassed at 950 to 1000°.

A representative plot, of (Xi4AB>—2iu/v s) as a function
of $as calculated using the theory developed herein is shown
(broken line) in Fig. 2. Isotherms calculated for the ad-
sorption of propanol-1 and butanol-1 from aqueous solution,
obtained by graphical integration from graphs such as Fig. 2,
are shown (broken lines) in Figs. 3and 4. Points are values
obtained by measuring adsorption from solution. In these
Ac/m, the apparent adsorption from
solution, in millimoles per gram; the abscissa is mole frac-
tion propanol in the propanol-water case, reduced concen-
tration (concentration divided by saturation concentration)
in the butanol-water case.

Estimated experimental errors in solution and gas ad-
sorption isotherms are not in excess of 0.02 millimole per
gram. The errors in gas adsorption isotherms correspond

to uncertainties in calculated solution adsorption isotherms
which are also approximately 0.02 millimole per gram.

V. Discussion

The calculated isotherm for the adsorption of
propanol-1 from aqueous solution by Spheron-6
Is seen to be in equalitative and rough quantitative
agreement with that observed experimentally.
Calculated amounts adsorbed are lower in ma%ni-
tude than those observed by about 20% at low
mole fractions of propanol-1, 40% at high mole

fractions.

The calculated isotherm for the adsorption of
butanol-1 from aqueous solution is seen to agree

well with that observed at high reduced concen-
tration, but to be far too low at low reduced con-

1 R. B. Anderson and P. H. Emmett, « s 50urnar, 56, 796
adhd] °°
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centration, so that the calculated isotherm has a
monotone curvature rather than the sigmoid shape
observed.

Both the propanol-1 and butanol-1 calculated
isotherms correspond to deviations in the e?)
of the same order of magnitude. Greater isotherm
deviations result in the butanol-1 case because
here the mole fraction is a discontinuous function
of the activity; therefore_ata given <€an increase of
100 cal. in €ic/) - (Pi/F2e2g) may lead to forma-
tion of a butanol-rich Phase over a finite neighbor-
hood of <especially if the slope of this function,
which we m ar call the effective adsorption potential
of the alcohol, is not very great.

Graphs of the type of Fig. 2 in every case indi-
cated that water was concentrated in the immediate
vmmtr of the surface, and even at moderately high
alcohol concentrations the theory indicated an
appreciable fraction (up to 0.75) of a complete
monolayer of water to be next to the solid surface,
with the alcohol beginning to concentrate past this
layer. In terms of the theory, this results from the
fact that, although the adsorption potential per
mole is greater for the alcohol than for water over
the entire range of <5 the adsorption potential
per unit volume is ?reater for water than for al-
cohol in both cases for* < 20 mm.3 While none
of the adsorption potentials could be fit by single
functions of the form the adsorption potential
for water was a more rapidly decreasing function of
a>than those of the alcohols. Qualitatively, this
would be expected if the adsorption potential for
water was due to an attracting (two dimensional)
layer, as with a surface oxygen complex layer,12
which would lead to a potential of the form k/44
and the adsorption potentials for the alcohols were
due to an attractln? slab leading to potentials of the
form k/«i3 A surface oxygen complex layer on a
carbon slab should lead to terms of both t?;pes for
all adsorbates, but in the cases considered nere the
terms could very well dominate in the manner
indicated. The calculated concentration of water
in the immediate neighborhood of the surface
would have been yet more pronounced had the
desorption isotherm for water been used in cal-
culation of the adsorption potential.

Forvalues of 4 greater than 40 mm .3the adsorp-
tion potential of water is negligible and adsorptions
for higher values of 4are controlled by the adsorp-
tion potentials of the alcohols. Especially in the
range 20 < < 70 mm .3 these are too low to ac-
count for the observed adsorption from solution.

It was found possible to improve agreement
hetween calculated and observed adsorption iso-
therms markedly by modifications of the effective
adsorption potential suggested by graphs such as
Fig. 2. These modifications were as follows:
1. For values of ¢ less than 20 the adsorption
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potential of the alcohol was neglected. 2. For
values of «>greater than 20 a term - 10)4
was added to the effective adsorption potential.

The effects of these modifications are indicated as
solid curves in Figs. 2, 3, and 4. The form of the
term added for values of pgreater than 20 is sug-
3ested by the form of interaction between a layer of

ipoles centered at s>= 10 with dipoles and polariz-
able molecules on a surface 4; since the den_sitg_qf
the dipole layer, dipole moments and polarizabili-
ties are known the order of magnitude of K can be
estimated theoretically; the order found was of
this order of magnitude.

These modifications are believed appropriate
only for the systems here studied, and result prob-
ably from the complexity of a carbon-oxygen
complex surface, possibly interacting irreversibly
with water. It is hoped that a more satisfactory
test of the theory developed can be conducted in
the near future.

DISCUSSION

Todd Doscher—Doesn’'t the conclusion that a film of
water is primarily adsorbed on the carbon violate one of the
chief assumptions of the theoretical development? Cer-
tainly, the presence of the water dipoles on the surface will
cause the subsequent sorption of the alcohol to be different
both in kind and degree from that on the carbon surface.
The modification of the theory which is introduced would
have to be specifically determined for each system, and its
practicability as a general theory would be lost.

Robert S. Hansen.—IN our opinion the absorption of
water in a layer of oriented dipoles does violate one of the
basic assumptions of the theoretical development, and there-
fore necessitates a correction of the type made. Indeed,
the correction used was obtained theoretically. The inter-
action energy between a dipole (1) and a polarizable mole-
cule (2) at distance I'is

u = (onul + d@ii)/re 1)

If the polarizable molecule interacts with an infinite film of
dipoles of surface density a at distance z the interaction
energy becomes

v - + aiul)/2zi 2)

Replacing z by @5—10)/10Q0A, where A is the specific sur-
face area and 0 Is in mm.3 setting & = 5.85 X 104 dipoles/
cm.2 (computed by dividing the number of molecules of
water in 20 mm.3 the value of $at the indicated wwter layer
limit, by the surface area of the absorbent) and converting
to calories per mole there is obtained

Ei,t = 6.22 X 108(0 —10)4cal./mole for propanol-1
Eint = 7.60 X 108(<> —10)4cal./mole for butanol-1

It is presumed that corresponding interaction energies be-
tween water dEJoIe layer and water are already included in
the measured

It is felt that the assumptions involved in the develop-
ment or the theory have been clearly stated; the claim to
generality is of course subject to validity of assumptions.
In the experimental work herein described corrections for
deviations could be made in an apparently straightforward
manner, but it is hoped that experimental work can be pre-
sented in the near future where such corrections will not be
needed.
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The interface between two immiscible liquids, such as water and petroleum ether, exhibits selective affinity for chloroplast

pigments.

With water or aqueous solutions fixed in porous filter paper, this sorption at the interface between the liquids
serves for the chromatographic separation of mixtures of chloroplast pigments dissolved in petroleum ether.

With counter

flow of water droplets and petroleum ether solutions of the pigments, sorption at the liquid-liquid interface may be utilized
for the continuous resolution of the mixtures into two principal fractions, the more sorbed and the less sorbed components.

Introduction

The resolution of mixtures by chromatography
has usually been attributed to three principal dis-
tribution phenomena. These selective distribu-
tion processes are the sorption of solutes at the
interface between a solid and a Ii(}uid or gas, the
Fartition of solutes between a Tixed, dlsgersed
iguid and a mobile solvent, and the distribution
of a solute between a chemically reactive substance
asanion exchange resinand a liquid orgas.1

Many of these distribution processes have also
heen employed in paper chromatography.l Paper
chromatography by adsorption on the paper itself
was utilized for the separation of carbon disulfide-
soluble chloroplast pigments by Brown2in 1939,
It was applied to the one-way and two-way separa-
tion of water-soluble dyes by Liesegang8in 1943.
Paper chromatography by partition of the solutes
between immiscible liquids was utilized for the
separation of mixtures of amino acids by Consden,
Gordon and Martin4 in 1944, Reversal of the
liguid phases in the paper was introduced by
Boldingh6in 1948.

Mixtures of chloroplast pi?ments have now been
resolved chromatographically by sorption on the
surface of a liquid fixed in paper. The paper was
gither of cellulose or of gflass fibers. The pigments
themselves were insoluble in the fixed liquid which
was modified so that it eluted the pigments from
the surface of the glass or cellulose fibers. Sepa-
rate experiments demonstrated that the pigments
were sorbed at the liquid-liquid interface in the
absence as well as in the presence of the supporting
paper.

With paper as the sorbent or as the supporting
medium and by suitable selection of fixed and
mobile solvents, a single mixture of chloroplast
plﬁments has now been resolved by sorption on the
cellulose or glass, by sorption on a liquid and 'bﬁ
partition between ‘two immiscible liquids wit
either liguid fixed in the paper. The sequence of
the pigments in the chromatograms varies with the
solvent and the sorbent as already reported for
analogous separations in columns.67
25% H H. Stralz‘ Anal. Chem., 21, 19 (1949); 22, 41 (1950); 2s,

o) S8 ey
{3} W.'G. Brown, nature, 143, 377 (1939).
Chem.,Rlze )

. E. Li93§ an:?l, Naturwissenschaften, 31, 348 (1943); z. anal.
£4 = consden, a. 1. Gordon and a. J. », Martin, Biochem. J., ss,
224 (1944),
ol J
b
l

0ldingh, Experientia, 4, 270 (1948).
H. H. Strain, ind. Eng. chem., Anal. Ed., 18, 005 (1946)
H. H. Strain, J. am. chem. soc., 70, 588 (1948).

Materials—Cellulose paper was Eaton-Dikeman Grade
301, 0.03 or 0.05 inch thick. Glass paper was obtained
from the Naval Research Laboratory.8

For the separation of pigments by sorption on the surface
of the glass or the cellulose, the paper was used without
special treatment or after drying at 100°. For the separa-
tion of pigments on the surface of a fixed liquid, the paper
was moistened with water and with solutions of polyhy-
droxy compounds such as glycerol or sorbitol. The solu-
tions (10%) in water were poured over the paper, the ex-
cess solution was poured off, and the moist paper was
pressed between dry paper for several hours. The paper
was also moistened with glycerol or sorbitol in methanol
and was then allowed to stand until all the methanol had
evaporated. For a few separations, the paper was mois-
tened with solutions containing mixtures such as glycerol
plus glycine and urea, and glycerol plus methanol (10_%).
The solutions of the polyhydroxy compounds were utilized
to prevent dehydration of the paper and also to prevent
sorption of the pigments on the fibers of the paper because
the polyalcohols and acids are known to elute traces of
sorbed xanthophylls from polysaccharides and from glass.9

For the separation of the pigments by partition between
immiscible solvents, the paper was sprayed with 70, with 80
and with 90% methanol or dipped into these solutions and
blotted. In order to reverse the phases and to fix hydro-
carbon material in the paper, a solution of vaseline (petro-
latum) (about 5%) in petroleum ether was poured over
paper which was dried in a hood.

The pigment mixtures to be examined by adsorption were
prepared from plant material. For preparation of the pig-
ments of green leaves, fresh grass (10 g.) was cut into sec-
tions 1 to 2 mm. long and suspended in 100 ml. of methanol
containing about 30 ml. of petroleum ether. After about
0.5 hr., the liquid was decanted through a small piece of
cotton into a separatory funnel. Agqueous salt solution
(about 400 ml.) was added, and after gentle swirling of the
solutions, the aqueous layer was removed. The deep green,
petroleum ether solution was washed once or twice with
water. Owing to the lability of the pigments, this solution
was protected from bright light, and was not employed after
it had stood for more than a few hours.

The xanthophylls neoxanthin and violaxanthin were pre-
pared from the leaf extract by chromatographic adsorption.D
The similar fucoxanthin was prepared from extracts of
brown algae.ll Carotenes were obtained from carrots.

ions in r—The mixtures were resolved in
paper strips 3 X 20 cm. The solution of the mixture was
placed in a spot about 7 mm. in diameter near one end of
the strip which was stood in a little wash liquid contained
in a covered, 2-1. beaker. Because of the rapid flow of the
wash liquid into the porous paper, the separations were com-
plete in 20 to 40 minutes.

The separation of leaf pigments by sorption on cellulose
paper, by sorption on glass paper, and by sorption on these
papers moistened with water or with aqueous glycerol is
illustrated by Fig. 1. Similar separations were obtained
with paper moistened with glycerol in methanol and dried

(8) T. D. Callinan, R. T. Lucas and R. C. Bowers, Naval Research
Laboratory, May 1951, Washington, D. C.

(9) H. H. strain, Ind. Eng. Chem., 42, 1307 (1950).

(10) H. H. Strain, W. M. Manning and G. Hardin, Biol. Bull., 8s,
169 (1944).

(11) H. H. Strain and W. M. Manning, J. Biol. Chem., 146, 275
(1942).
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~NlLiquid front
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Y Carotenes

Y Lutein + Zeaxanthin

Y Violaxanthin
G Chlorophyll a
’I‘ § G Chlorophyll b
Y Neoxanthin
3x 20 cm.
Solvent. Petroleum ether

Air dried or moistened
with glycerine

Fig. 1.—Chloroplast pigments separated by sorption on
moist or dry glass or cellulose paper: solvent, petroleum
ether; Y, yellow; G, green.

Paper:

AN-Liquid front

G Carotenes +

Chlorophylls

Y Lutein + Zeaxanthin

Y Violaxanthin

Y Neoxanthin

3 x20cm

Solvent: Petroleum ether

Sprayed 80%

Fig. 3.—Chloroplast pigments separated by partition be-
tween methanol (80%) on the paper and petroleum ether.

Paper: methanol

in air for 24 hours. In each of these experiments, petroleum
ether was employed as the wash liquid.

Figure 1 shows the color of the zones, their sequence, and
the degree of separation usually obtained. The resolved
pigments were identified by their color, by their spectral
properties, by mixed chromatograms, and by the blue color
produced by exposing the sorbed violaxanthin to the vapors
of concentrated hydrochloric acid.D

Paper that had been moistened with solutions of tartaric
acid or of lactic acid also yielded initial separations like that

Paper Chromatography op Chloroplast Pigments
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Liquid front

Y Carotenes

Y Lutein + Zeaxanthin

Chlorophyll a

Y Violaxanthin

i G Chlorophyll b
tl Y Neoxanthin
3x20 cm.
Solvent: Petroleum ether +
0.5% propanol

Air dried or moistened
with glycerine

Paper:

Fig. 2—Chloroplast pigments separated by sorption on
moist or dry paper: solvent, petroleum ether plus 0.5%

propanol.
ALiquid front
Y Neoxanthin
Y Violaxanthin
Y Lutein + Zeaxanthin
G Chlorophyll b
—~ G Chlorophyll a
I Y Carotenes
3 X20 cm.
Solvent: Methanol 80%
Paper: Impregnated vaseline

Fig. 4—Chloroplast pigments separated by partition be-
tween petroleum ether plus vaseline on the paper and meth-
anol (80%).

shown in Fig. 1. But these acids gradually removed the
magnesium from the chlorophyll forming the corresponding
pheophytins which were much less sorbed than the chloro-
phylls themselves.D

The addition of a little propanol to the petroleum ether
wash liquid produced separations like that in Fig. 2. This
solvent mixture decreased the sorbability of the chlorophylls
relative to that of the xanthophylls.D The same effect was
observed when the pigments were sorbed on dry paper or
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on paper moistened with water or with aqueous glycerol
solutions.

The separation of the chloroplast pigments with methanol
(80%) fixed in glass or cellulose paper and with petroleum
ether as the mobile solvent is shown in Fig. 3. With 90%
methanol in the paper, all the pigments migrated more
slowly than with 80% methanol. Under these circum-
stances there was some separation of carotenes from chloro-
phylls. With 70% methanol in the paper, the pigments mi-
grated fast with poor resolution.

With vaseline fixed in the paper, and with 80% methanol
as the mobile solvent, the pigments separated as shown in
Fig. 4. With 90% methanol as the wash liquid, all the pig-
ments except the carotenes migrated rapidly and separated
incompletely from one another. With 70% methanol, all
the pigments except neoxanthin and violaxanthin migrated
very slowly and were not separated.

This reversal of the sequence of the chromatographic
zones makes possible the complete separation of the less
sorbed pigments from the more sorbed pigments as commonly
effected in columns by variation of solvent.l0 By separa-
tion of the pigments with one solvent fixed in paper followed
by readsorption of each pigment and with the other solvent
fixed in the paper, absolute separations of all the pigments
from one another has been achieved.l

Mixtures of carotenes with fucoxanthin were examined
by means of the four methods illustrated by Figs. 1 to 4.
With each method, the petroleum ether-soluble, non-
sorbed carotenes were readily separable from the alcohol-
soluble, strongly sorbed fucoxanthin.

As indicated by the sorption sequences, the sorption of
the pigments at the liquid-liquid interface was similar to
the sorption on glass, on cellulose and on powdered sugar.1l
There was no indication of a separation of a- and /3-caro-
tenes, or of lutein and zeaxanthin. In this respect, there is
a distinct difference between sorptive magnesia and the sorp-
tive systems represented by Figs. 1 to 4, because magnesia
is especially effective for the resolution of mixtures of caro-
tenes and for the separation of mixtures of lutein and zea-
xanthin.7

Separations at the Petroleum Ether-Water Interface of
Droplets.— Pigments such as neoxanthin and fucoxanthin,
that are insoluble in water, that contain many hydrophilic
hydroxyl groups, and that contain a large hydrocarbon
skeleton with affinity for petroleum ether, have a marked
affinity for the interface between water and petroleum
ether. When a solution of these pigments in petroleum
ether was shaken with water, the pigments accumulated on
the surface of the water droplets and were removed from the
petroleum ether. When the water droplets coalesced, the
pigments were liberated to the petroleum ether.

When droplets of water from an atomizer were allowed to
fall through solutions of neoxanthin or of fucoxanthin in
petroleum ether contained in a narrow tube 1 to 2 m. tall,
the pigments accumulated on the droplets and were carried
to the bottom of the solution. There they were liberated as
the droplets coalesced, and under favorable conditions, the
liberated pigments were concentrated so that they separated
from the solution. In this way, the xanthophyll was re-
moved from the petroleum ether in the tube.

Carotenoid pigments without hydrophilic groups, as for
example the carotenes, were not sorbed at the petroleum
ether-water interface and wore not removed from the pe-
troleum ether solution with water droplets. Chlorophylls
were weakly sorbed and were slowly removed from the
solution.

This selective sorbability of the polyhydroxyxantho-
phylls on water droplets served for the continuous separa-
tion of two substances such as carotene and fucoxanthin
that differed with respect to their sorbability. As an ex-

Harold H. Strain

Vol. 57

ample, a solution of fucoxanthin and carotene in petroleum
ether was allowed to flow upward through a long tube.
Water droplets falling downward through the solution col-
lected the fucoxanthin and liberated it as the drops coa-
lesced. The separated fucoxanthin was then removed
mechanically or by various supplemental flow methods.
Both the water and the petroleum ether could be recycled
to make the process continuous.

With these petroleum ether-water systems, the sorbent,
which is the interface, is formed, destroyed, and regener-
ated over and over again. For substances that are sorbed
at a liquid-liquid interface these sorption procedures may
be made the Basis of practical separations.

Note added May 13, 1953.— A photograph of the paper
chromatogram of chloroplast pigments prepared by Brown
in 1939 has recently been reproduced.2 Additional separa-
tions of chloroplast pigments by adsorption on paper with
various organic solvents have also been reported.13

DISCUSSION

Ira Kurin—Concerning the separation of the neoxan-
thin type compounds by separation at a petroleum ether-
water interface, could not one get a similar type of separation
by asolvent-solvent type of extraction, as, for example, petro-
leum ether-methanol? Is there any advantage to your ex-
traction method which at first glance would appear to be
more cumbersome, tedious, and less efficient?

J. L. Shereshefsky— The suggested variant of chroma-
tographic method consisting of sending a spray of immiscible
liquid through a solution of several components is based on
the preferential adsorption of one of the components will
be separated first, may be predicted from the relative lower-
ing of the surface tension of the solutions of each component
in the given solvent.

Charles G. Dodd.— The author has emphasized the sim-
ilarity between adsorption at an extended liquid-liquid in-
terface formed by water droplets passing through a petro-
leum ether solution and adsorption within cellulose or glass
paper at water interfaces restrained as films surrounding
cellulose or glass fibers. Apparently water is held in an es-
sentially bulk phase enveloping each fiber if the paper were
moistened previously with glycerol or glycols. | should like
to ask the author if this corresponds with his concept of the
intermolecular geometry of the systems such as those in
Figures 1 and 2 of the paper? Is this the manner in which the
extended interface is developed?

Haroitd Il. Strain.—In the moist paper the aqueous
phase is presumed to envelop each fiber so that the liquid
forms a porous, rather than a continuous, bulk phase. The
separations at the liquid-liquid interface (Fig. 2) were more
effective and more convenient than the separations based
upon the solvent-solvent extraction or partition (Figs. 3
and 4).

The experiment with falling droplets was introduced to
show that the surface of the droplets is an effective sorptive
medium even in the absence of the paper. Falling particles
of sorptive solids and falling droplets of liquids already had
been' utilized for the partial resolution of mixtures of solutes.
These procedures serve primarily for the segregation of the
solutes into two principal fractions, the more sorbed and the
less sorbed components. Where applicable, continuous ex-
traction by the sorption of a solute on the surface of drop-
lets is a convenient and economical separatory procedure.

(12) IT. H. Strain, Technion Year Book 1952-53, American Tech-
nion Society, New York, 1953, p. 85.
(13) L. Bauer, Naturwissenschaften, 39, 88 (1952).
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THE SORPTION OF BENZENE BY FATTY ACIDS1
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The sorption of benzene by the even-numbered fatty acids from caprylic to stearic inclusive has been measured using a

standard volumetric adsorption apparatus modified for working with benzene.

The isosteric heats of sorption have been

calculated by means of the Clausius-Clapeyron equation and the results obtained are explained in terms of liquid solutions

(caprylic), solid solutions (stearic) and transition systems (capric).

acids at low sorptions and low temperatures.
teresis was not found.

Introduction

During some experimental work on the sorption
of benzene by aluminium soaps, anomalous behavior
was observed between the isotherms of two different
soap samples. This behavior was at the time be-
lieved to be due to the presence of free fatty acid in
one of the samples and as a check, the sorption of
benzene by stearic acid was measured. It was
later found that the anomalous behavior in the soap
experiment was not due to free fatty acid, but the
stearic acid isotherm proved to be sufficiently
interesting to merit a further investigation of the
benzene sorption of the even numbered fatty acids
from caprylic (C8 to stearic (Cm). This paper
presents the results of this investigation.

Apparatus and Technique

A standard volumetric adsorption apparatus was modified
for this work. Mercury cut-offs were used instead of stop-
cocks where the volume change resulting from their use was
not important. Where it was necessary to have stopcocks,
special mercury sealed ones were used and lubricated with a
benzene-resistant stopcock grease made of dehydrated glyc-
erol thickened with commercial silica aerogel by the method
of Puddington.2 A sample of acid was sealed into a small
bulb which was separated from the calibrated vapor bulbs by
a mercury sealed stopcock. The pressure in the system was
read on a short mercury manometer, which was constructed
of “Trubore” tubing. A small bulb was incorporated into
the apparatus beside the vapor bulbs and was used to con-
dense vapor during desorption cycles and thus eliminate the
multiplicity of points characteristic of desorption in a volu-
metric adsorption apparatus. The liquid benzene was
stored in a bulb closed by a mercury sealed stopcock which
was separated from the remainder of the apparatus and from
the vacuum line by two mercury cut-offs. A magnetic
stirrer was incorporated in the sample bulb when studying
caprylic and capric acids, which were either liquid initially
or formed liquid layers during the course of sorption, to pro-
vide adequate stirring.

The benzene used as the sorbate was redistilled reagent
quality, which was degassed by repeated cycles of freezing
in Dry lIce-acetone mixture and evacuation, followed by
thawing. The fatty acids were all Eastman Kodak Co.
white label samples, which were used without further prepa-
ration.

To obtain an isotherm, a weighed sample of an acid was
sealed into the adsorption bulb, which was then surrounded
by a water thermostat at the required temperature. The
sample was then evacuated until a pressure of about 10_5
cm. was obtained, at which time the pumping was discon-
tinued and the dead volume of the adsorption bulb deter-
mined by helium expansion. The helium was then pumped
out until a pressure of about 10“6 cm. was obtained after
which the adsorption bulb was closed off and the mercury
cut-off to the vacuum system raised. After adesired amount
of benzene vapor had been let into the apparatus, the
mercury level in the second cut-off was raised to a mark
on the tube. The mercury level was always adjusted to
this mark before any pressure reading was made to ensure

(1) Issued as DRCL Report No. 121.
(2) 1. E. Puddington, Anal, Chem., 21, 316 (1949) .

Hysteresis loops were found with palmitic and stearic

In each case there appeared to be a maximum temperature above which hys-
These observations are explained in terms of normal crystal forces and partial melting points.

that the volume of the apparatus was known. As the mer-
cury manometer was made of 9.52 mm. “Trubore” tubing,
the change in the apparatus volume due to the mercury
movement resulting from pressure changes could be calcu-
lated. The amount of benzene vapor sorbed was calcu-
lated in the usual way from the P -V -T relationships of the
vapor before and after admission to the adsorption bulb.

Experimental Results

Over six hundred points were obtained during the sorp-
tion measurements with the six acids and in order to con-
dense the presentation of these data only the pressures at
which certain fixed quantities of benzene were sorbed at
different temperatures are given below. The figures quoted
below were all read off the isotherms drawn through each
set of data.

Caprylic Acid.— This acid was liquid over the range of
temperatures used and was included to provide reference
data for the vapor pressure of benzene dissolved in a liquid
acid for comparison with the similar data obtained on the
longer chain solid acids. Only two isotherms were obtained
at temperatures of 29.2° and 41.6°. Equilibrium was very
slow being attained in this system, taking a minimum of
several hours with vigorous stirring. In many instances
the system was left overnight before taking the equilibrium
reading. Difficulty was experienced in getting desorption
points and as only partial results were obtained, they have
been omitted. The experimental results are given in Table
1.

Table |

Sorption op Benzene by Liquid Caprylic Acid

Vol. sorbed, Equilibrium pressures at different temp., mm.
cc. STP/g. 29.2° 41.6°
4 4.25 7.25
8 8.37 14.20
12 12.31 20.84
16 16.12 27.23
20 19.77 33.36
24 23.15 39.22
28 26.32 44.72
32 29.34 49.80
36 32.28 54.57
40 35.08

Capric Acid.— Isotherms were determined over a range of
temperatures from 14.5 to 32.1°. This region covered sorp-
tion in both the solid and liquid phase, as the acid melted
in the region 31-32°. A liquid phase was formed at all
temperatures as the benzene tended to dissolve part of the
acid and form a second phase. Some drift toward increas-
ing pressures with higher sorbed volumes was observed at
all temperatures and was thought to be duo to small quanti-
ties of impurities which dissolved during the early stages of
sorption and lowered the vapor pressure of the benzene even
more than the acid. The desorption points tended to be at
slightly lower pressures than the corresponding absorption
points and were in some cases incomplete. Great difficulty
was experienced in attaining equilibrium on desorption, due
to such occurrences as the crystallization of the acid from
the solution to form a skin on the surface, when an increment
of vapor was withdrawn. The experimental results are
given in Table I1.

Laurie Acid.— Isotherms were determined at three tem-
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Tabite Il

Sorption of Benzene bt Capric Acid

so\I{lgéG, Equilibrium pressures at different temp., mm.
cc. STP/g. 14.5° 19.8° 22.8° 27.9° 28.8° 32.1°
0.5 20.7 18.0 19.0 10.5 0.6
1.0 27.5 23.1 22.1 12.2 10.2* 1.3
1.5 30.5 25.6 23.5 13.1 10.9 2.0
2.0 31.9 27.5 24.5 13.6“ 11.3 2.7b
2.5 32.6 28.8 25.5 14.1 11.5 3.4
3.0 33.1 29.9 26.1 14.6 11.76 4.1
4.0 33.4 31.1 27.0* 15.56 12.0 5.4
5.0 33.6“ 31.6 27.7 16.2 12.2 6.7
6.0 33.8 32.1 28.1 16.7 12.4 8.0
7.0 34.0 32.5 28.4 17.0 12.5 9.3
8.0 34.2 32.7 28.7 17.1 12.6 10.7
9.0 34.4 32.9 29.06 17.2 12.7 12.0
10.0 34.6 33.1 29.3 17.3 13.2
12.0 35.0 33.3b 29.7 17.5 15.7
14.0 35.6 33.5 30.0 18.1 18.1
16.0 36.1 33.7 30.4 19.4 20.5
18.0 36.5 34.0 30.8 21.2 22.9
20.0 37.0" 34.2 31.4 22.8

“ Indicates the point at which the acid appeared moist.
6 Indicated the point at which a definite liquid phase was
present.

peratures, 22.0, 24.6 and 30.0°. The acid was in the solid
phase throughout these experiments, although preliminary
signs of moistening were apparent near the point of maxi-
mum pick-up on the 22.0° sorption curve (21 cc. STP/g.).
Only a few desorption points were obtained and they showed
a slight inconsistency, due probably to non-equilibrium.
The experimental results are given in Table I11.

Tabte 111

Sorption of Benzene bt Lauric Acid

Voi. sorbed, Equilibrium pressures at different temp., mm.

cc. STP/g. 22.0° 24.6° 30.0°
0.5 29.4 23.3 13.8
1.0 33.4 29.7 22.6
1.5 36.3 33.9 28.6
2.0 38.4 37.0 32.8
3.0 41.5 41.6 38.5
4.0 44.1 45.0 42.3
5.0 46.5 47.5 45.1
6.0 48.1 49.4 47.5
7.0 49.7 51.0 49.5
8.0 51.1 52.3 51.1
9.0 52.4 53.4 52.6
10.0 53.4 54.3 53.8
12.0 55.0 55.7

Myristic Acid. —Isotherms were determined over a tern-

perature range of 0.0 to 21.3°. The acid was in the solid
phase at all times and no indication of the formation of a
liquid phase was observed. Desorption points were ob-
tained at all but the highest and lowest temperatures and in
all cases checked the sorption points. The experimental
results are given in Table IV.

Palmitic Acid.— This acid was investigated over a tem-
perature range of 17.6 to 23.6°. Below a temperature of
23.6°, a hysteresis loop was found at lower pressures. The
loop was quite large at the lowest temperature studied and
decreased in size with increasing temperature, until it dis-
appeared around 23.6°. The loop appeared completely
reproducible, as indicated by a second cycle at one tempera-
ture. Except for the region where hysteresis was found,
the desorption points checked those obtained on sorption.
The experimental results are given in Table V.

Stearic Acid.— Isotherms were determined over a tem-
perature range of 20.0 to 39.7°. The hysteresis loops
found with palmitic acid were also present in these iso-
therms, but the temperature at which they disappeared
(34°) was higher. As this was the first acid to be examined

J. C. Arnell
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Table IV
Sorption of Benzene by Myristic Acid
sc\)/r%léd, Equilibrium pressures at different temp,, mm.
cc. STP/g. 0.0° 10.2° 11.4° 17.0° 19.9° 21.3°
1.0 6.9 10.0 11.0 13.5 14.4 14.8
2.0 10.6 16.0 17.6 22.0 24.2 25.1
3.0 13.2 20.5 22.1 27.8 30.7 32.0
4.0 15.3 24.0 25.5 32.1 35.6 37.3
5.0 16.9 26.9 28.3 35.6 39.7 41.6
6.0 18.2 29.1 30.5 38.5 43.1 45.1
7.0 19.2 30.9 32.4 40.8 45.8 48.0
8.0 19.9 34.0 42.9 48.1 50.4
9.0 35.3 44.6 50.1 52.5
10.0 36.5 46.2 51.9 54.3
12.0 38.4 48.7 54.8 57.2
14.0 40.1 59.5
Table V
Sorption of Benzene by Palmitic Acid
Voi. Equilibrium pressures at different temp., mm.
sorbed, 17.6° 21.3° 22.3° 23.6°
cc. STP/g. Ads. Des. Ads. Des. Ads. Des.
0.25 15.2 13.2 13.2 8.5 11.2 7.0 7.5
0.5 20.1 155 17.2 11.6 152 11.2 13.8
0.75 22.4 17.2 195 145 184 159 18.8
1.0 24.0 19.0 21.5 18.0 21.0 20.0 23.3
1.25 25.4 21.1 245 23.1 25.0 27.2
1.5 26.5 23.7 27.4 28.3 30.5
1.75 27.7 25.9 30.2 31.1 33.4
2.0 29.0 28.1 32.9 34.0 36.3
2.5 31.9 37.5 38.7 41.1
3.0 35.0 41.5 42.8 45.2
4.0 40.0 47.6 48.9 52.0
5.0 44.0 51.9 53.6 57.6
6.0 47.3 55.2 57.5 62.0
7.0 49.9 58.0 60.9 65.3
8.0 52.0 67.9

and the appearance of the hysteresis loop was completely
unexpected, a great many measurements were made to en-
sure that the hysteresis loop was reproducible. Seven runs
were made on one sample at 29.2° and two on a second
sample at the same temperature. Of these first runs, the
first four were on the sample in its original state and the
last three on the first sample were obtained after the acid had
been partially dissolved in condensed benzene and recrys-
tallized, in an attempt to determine differences due to crys-
tal size. No appreciable difference was found between the
two sets of curves, although equilibrium was established
very slowly after recrystallization due to the solidity of the
mass. The first isotherm on a fresh sample of acid was
found to give a hysteresis loop, which was slightly dis-
placed toward higher pressures, when compared to subse-
qguent curves at the same temperature. The remainder of
these isotherms were in agreement. The experimental re-
sults are given in Table V1.

Calculation of Isosteric Heats
By making use of the Clausius-Clapeyron equation3

{dInp\ Qigosteric
\d(1/T)dn -~ R

it was possible to calculate the differential heats of sorption
from the isosteres of the various acids given in the preceding
tables. As each acid has been found to exhibit a different
relationship between the calculated heat and quantity of
benzene sorbed, the calculations have been treated indi-
vidually below. Following common usage, the isosteric
heat has been considered positive when heat is evolved.
Caprylic Acid.— When the quantity of benzene sorbed at
each of the two temperatures was plotted against the relative
pressure, all the points lay on a single curve which indicated

(3) S. Brunauer, “The Adsorption of Gases and Vapors,” Princeton
Press, Princeton, N. J., 1943, p. 223.
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Tabte VI
Sorption op Benzene by Stearic Acid
| -Equilibrium pressures at different temp., mm.
Voi. sorbed, 20.0° 25.3° 29.2° 31.0° 33.0° 34.7° 39.7°
cc. STP/g. Ads. Des. Ads. Des. Ads. Des. Ads. Des. Ads. Des.

0.25 22.5 20.0 18.2 14.9 8.4 7.2 4.2 6.2
0.50 30.5 28.0 24.3 20.5 18.5 15.5 10.6 8.3 11.5
0.75 34.9 33.3 29.0 26.9 24.8 20.2 19.8 13.0 12.5 16.4
1.0 37.4 36.1 32.5 28.6 27.8 21.5 22.5 16.0 16.4 20.5
1.25 39.3 38.4 37.3 34.4 29.8 29.9 22.7 24.6 18.8 20.2 24.8
1.5 41.1 40.3 38.1 35.5 30.8 31.5 24.1 26.5 21.7 23.8 28.5
1.75 42.3 41.7 41.8 38.7 36.5 31.8 32.6 25.6 28.1 25.0 27.0 32.0
2.0 43.2 42.0 42.8 39.2 37.3 32.7 33.6 27.5 30.0 28.4 30.5 36.0
2.25 44.2 42.6 43.7 39.4 38.1 33.6 34.7 29.8 32.1 31.2 33.6 39.5
2.5 45.0 43.0 44.5 40.0 38.9 34.5 35.7 32.0 34.0 36.5 43.3
2.75 45.6 43.3 45.1 40.3 39.5 35.5 36.9 34.5 36.6 39.2 46.8
3.0 46.2 43.6 45.6 40.6 40.2 36.5 38.0 36.8 39.1 41.6 49.8
3.5 47.1 44.0 46.5 41.2 41.6 38.2 41.2 44.0 46.5 55.4
4.0 47.7 44.3 47.1 41.8 42.9 40.2 45.0 48.2 51.0 60.5
4.5 48.0 44.9 47.5 42.5 44.3 43.6 48.6 52.0 55.0 65.3
5.0 48.4 45.3 47.8 43.3 46.7 51.7 55.8 58.6 69.8
6.0 49.0 46.3 49.0 45.5 52.3 57.3 62.3 65.5 78.5
7.0 49.7 47.0 50.4 49.0 56.9 62.1 68.0 71.5

8.0 50.4 47.4 53.1 52.6 60.9 66.5 73.0 76.8
9.0 50.9 47.9 56.0 64.5 70.6 81.4

10.0 51.3 48.4 58.7 67.9 74.3 85.3

11.0 51.6 48.9 61.2 70.8 77.5

12.0 52.0 49.4 63.5 73.5

13.0 52.3 50.7 65.5 75.7

14.0 52.9 52.3 67.2 77.7

15.0 53.9 53.7 68.9 79.5

16.0 55.0 70.4 81.1

17.0 56.3 71.9 82.7

18.0 57.5 73.2 84.1

20.0 59.8

that the differential heat of mixing was very small. This comparative results are plotted in Fig. 1. The rather nar-

was checked by calculating the isosteric heats for sorptions
ranging from 4 to 36 cc. STP benzenel/g. acid. The aver-
age value obtained was 8.04 + 0.07 kcal./mole as compared
to a calculated value for the heat of vaporization of pure
benzene of 8.18 kcal./mole.

Capric Acid.— The sorption of benzene by capric acid was
much more complicated. With the exception of the 32.1°
isotherm, all the measurements were made on the solid
acid and from the results obtained, it appeared that the ben-
zene did not form a solid solution in the acid crystals as had
been expected. This was concluded from the fact that
after approximately 3 cc. STP benzene/g. acid had been
sorbed, the acid appeared to become moist as if the benzene
was condensing on the outside of the crystals and forming a
saturated solution of acid in benzene. As more benzene was
sorbed the moistening was extended until a definite liquid
layer was formed. Thus the isotherms obtained were,
apart from the lower ends, determinations of the vapor
pressures of a saturated solution of the acid in benzene at
different temperatures. Although the acid used was East-
man “White Label” quality, nevertheless the slight devia-
tion from the vertical of all the isotherms suggested that small
quantities of impurities were affecting the vapor pressures.

It was impossible to calculate any heats from these data
as no straight lines were obtained when the isosteric values
were plotted according to the Clausius-Clapeyron equation.
In order to check whether the isotherm data represented the
vapor pressure of a saturated solution, a rough experiment
was carried out to determine the vapor pressures over the
same temperature range. Two sets of determinations were
made using a different batch of Eastman acid— the first
containing a larger ratio of benzene to acid than the second.
There was a possibility that the first results may be slightly
high owing to a minor contamination with air, as the system
proved very difficult to deaerate. However, four or five
freezing and thawing cycles with evacuation were carried
out before any pressure measurements were made. The

row range of temperature used for the vapor pressure work
was occasioned by the largo change in the solubility of the
acid in the benzene in this temperature range. Between

Temperature, °C.
Fig. 1.
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18 and 23° the system changed from a solid cake with no
apparent liquid present to a crystal free solution at the fixed
component ratios used.

Laurie Acid.— Laurie acid appeared to be the first acid of
the series that sorbed the benzene without any apparent
change. The only indication of any moistening due to the
formation of a solution of the acid in benzene occurred at a
sorption of 21 cc. STP benzene/g. acid at 22.0°. The heats
as calculated from the Clausius-Clapeyron equation proved
quite interesting as they were of the opposite sign to normal
heats of sorption and are discussed later in this paper.
The calculated heats are shown in Fig. 2 and ranged from

Fig. 2.

- 10.7 kcal./mole benzene at a sorption of 0.5 cc. STP ben-
zenel/g. acid to approximately zero at 10 cc. STP benzene/g.
acid.

Myristic Acid.— Myristic acid gave normal values for the
isosteric heats after the first small amount of benzene was
sorbed. Below a sorption of 3 cc. STP benzene/g. acid the
calculated heats are a little below the average, being 5.49,
6.56 and 6.69 kcal./mole benzene for sorptions of 1, 2 and 3
cc. STP benzenel/g. acid, respectively. The isosteric heats
for higher sorptions averaged 6.78 + 0.10 kcal./mole ben-
zene .

Palmitic Acid.— Apart from the regions that showed hys-
teresis effects, palmitic acid gave heats of sorption similar
to myristic acid except at low sorptions where the values
were larger instead of smaller. The isosteric heats for sorp-
tions of 2 cc. STP benzene/g. acid and higher averaged 7.45
+ 0.20 kcal./mole benzene and at lower sorptions were 11.1
and 8.08 kcal./mole benzene at 1.50 and 1.75 cc. STP ben-
zenel/g. acid, respectively. The hysteresis was considered
to be caused by difficulties in the benzene molecules pene-
trating the crystal lattice and this was partially borne out
by the isosteric heats calculated using the adsorption sides
of the hysteresis loops. The resultant heats ranged from
—11.3 to —1.60 kcal./mole benzene for sorptions of 0.25 and
1.25 cc. STP benzene/g. acid, respectively.

Stearic Acid.— The stearic acid results were again very
complicated, as the isotherm data fell into three distinct
categories. The first was the low sorption region below the
hysteresis loops; the second the region of the hysteresis
loops; and the third the essentially normal section of each
isotherm above the hysteresis loops. The heats calculated
from results in the first category were negative at the start
and became positive as the sorption increased; the values
calculated from the adsorption side of the hysteresis loops
were all very negative, being —26.6 kcal./mole benzene at
0.50 cc. STP benzene/g. acid and increasing to —6.3 keal./
mole benzene at 2.25 cc. STP benzene/g. acid. Above the
hysteresis loops the isosteric heats were high at the start
(14.9 kcal./mole benzene at a sorption of 0.25 cc. STP ben-
zenel/g. acid) and levelled out at about 6.8 kcal./mole ben-
zene at higher sorptions. There appeared to be a minimum
in these last heats, wdiich may be seen in Fig. 2 where all
the calculated heats are shown. These results tend to con-
firm the recent work of Dean and Hayes4who calculated the
differential heats of sorption of n-hexane on stearic acid
monolayers. They found that on dilute stearic acid mono-

(4) R. B. Dean and K. E. Hayes, J. Am. Chem. Soc., 74, 5982 (1952).
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layers he initial heat of sorption was high but fell rapidly
and after passing through a minimum of about 6 kcal./mole
benzene, gradually rose to approach the heat of vaporiza-
tion of benzene. On close packed monolayers the heat of
sorption was very low at small sorptions and rose with in-
creasing sorption and finally reached the value for the heat
of vaporization.

Discussion

It is possible to offer qualitative explanations for
the various results that have been reported above
based on the relative solubilities of the different
acids in benzene and their difference in melting
points.

Starting with the smallest of the acid molecules
studied, caprylic acid is a liquid at the tempera-
tures of the experiments and is miscible with
benzene in all proportions. Little interaction
betwe3n the two compounds would be expected
and the heat of sorption (solution) proved to be
practi cally the heat of vaporization of pure benzene.

Turning to the largest of the molecules studied,
at the higher temperatures and higher sorptions
stearic acid appeared to absorb benzene vapor to
form a solid solution with a reasonable amount of
interaction, as indicated by an average heat of
sorption of about 6.8 kcal./mole benzene. This
figure is quite consistent with the concept that there
will be a small amount of energy required for the
benzene to penetrate the acid structure and for this
structure in turn to swell. At lower temperatures
and lower sorptions hystersis was found, accom-
panied by higher negative heats. This hysteresis
effect only appeared at temperatures below about
34° and the hysteresis loops increased in size as the
temperature was decreased. In determining the
change in the density of stearic acid with tempera-
ture, Puddington5found that at approximately this
same Temperature the linear relationship between
density and temperature underwent a change of
slope and attributed it to a partial melting of the
crysta s, due to the fusion of the hydrocarbon ends
of the fatty acid molecules. The hydrocarbon
chain .n a stearic acid molecule is sufficiently long
that it might be expected to resemble the corre-
sponding hydrocarbon octadecane, with respect to
crystal bonding and thus have a melting point near
that of the hydrocarbon. Octadecane melts at 28°
and it is to be noticed that this temperature is quite
close to that at which the hysteresis effects disap-
pear. It is suggested therefore that stearic acid
undergoes a partial melting at a temperature of
about 34°. Below this temperature the crystal
lattice of stearic acid will be quite rigid owing to the
van der Waals forces between the hydrocarbon
chains of the individual molecules of the crystal.
Under these circumstances it will be difficult for a
benzene molecule to penetrate the crystal to form a
solid solution and appreciable energy will be re-
quired: hence the high negative heats at low sorp-
tions. The gradual decrease in the size of the hys-
teresis loops with increasing temperature is assumed
to be a purely physical effect. The penetration of a
benzene molecule into the fatty acid crystal will
cause some displacement in the relative positions
of parallel acid molecules and will reduce the mutual
bonding. If sufficient benzene enters the crystal

(5) I. E. Puddington, unpublished work.
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it will cause appreciable swelling and reduce the
bonding to a point similar to that found above the
partial melting point. Under these circumstances
the isotherm will have a similar shape to those at
higher temperatures. The nearer the temperature
is to the partial melting point, the fewer the bonds
to be ruptured before the restriction to benzene
penetration disappears and hence the observed de-
crease in the size of the hysteresis loops with in-
creasing temperature. The hysteresis loops are
considered to be of the kind that have been found
to accompany sorption when the solid undergoes
appreciable swelling during the take-up of vapor.
Examples of these systems are the sorption of wa-
ter by wood,6 cellophane,7 proteins89 and high
polymers.9 When the temperature is above this
partial melting point, the restrictions to benzene
penetration of the crystal disappear and simple
solid solutions appear to form readily.

Additional proof of this premise is found in the
data on palmbic acid. In this case similar hystere-
sis loops were found at the lower temperatures and
their disappearance occurred at about 23°, which is
3° above the melting point of hexadecane, the cor-
responding hydrocarbon. A similar effect was also
looked for with myristic acid, but no indication of
hysteresis was found due possibly to the fact that
it would only be expected to occur below about 10°
and the only isotherm measured below this temper-
ature was at 0°, which is also below the freezing
point of benzene. Thus as indicated above, myris-
tic acid gave heats of sorption consistent with pal-

(6) W. W. Barkas, Report No. P. 82, Forest Products Research
Laboratory, England (1948),

(7) S. E. Smith, 3. Am. Chem. Soc., 69, 646 (1947).

(8) G. N. S. Rao, K. S. Rao and B. S. Rao, Proc. Indian Acad. Sci.,
25, 221 (1947).

(9) B. Katehman and A. D. McLaren, J. Am. Chem. Soc., 78, 2124
(1951).
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mitic and stearic acids and with the concept of a
simple solid solution.

Capric and lauric acids present a different picture
and are considered to show the transition between
a liquid solution of a fatty acid in benzene and a
solid solution of benzene in a fatty acid. Capric
acid is quite soluble in benzene and as the chain
length increases, so the solubility of fatty acids in
benzene decreases, with the result that stearic acid
is only slightly soluble. On the basis of the fore-
going, lauric and capric acids would be expected to
sorb benzene vapor readily and show a normal heat
of sorption; instead, however, high negative heats
are again in evidence and capric acid apparently
does not form a solid solution with benzene. It is
felt that in both these cases the increased solubility
in benzene is responsible for the experimental re-
sults. Capric acid does not sorb benzene because it
is so soluble that instead it tends to dissolve in any
benzene that condenses on the crystals. The nega-
tive heats that are indicated from the vapor pres-
sure-temperature relationship (Fig. 1) are fortui-
tous and are due to the fact that in the temperature
range studied the increase of solubility of capric acid
in benzene with temperature is so large that the
vapor pressure lowering due to the increased solu-
bility is greater than the increase in the vapor pres-
sure of pure benzene over the same temperature in-
terval. This results in a decrease in the vapor
pressure of a saturated solution with an increase in
temperature, which gives a negative heat with the
Clausius-Clapeyron equation. Although lauric
acid did not appear moist until a sorption of 21 cc.
STP benzene/g. acid, it is considered nevertheless
that the same explanation can be applied to the
negative isosteric heats.

It is hoped to extend this work both from the
theoretical point of view and a study of similar
vapor sorptions on fatty acids.
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PHYSICAL ADSORPTION ON UNIFORM SURFACES1
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Stepless isotherms on a uniform surface have been calculated, using modifications of Hill's treatment of lateral interaction.
However the assumptions necessary for success are so specific and unreal that the necessity of assuming surface heterogeneity

for real isotherms is demonstrated.

In earlier papers2‘4 we have criticized current
theories of adsorption, and introduced the assump-
tion of a non-uniform surface to reconcile theory and
experiment. It is unjustified, however, to conclude
that this assumption is correct without making an
extreme attempt to calculate sensible isotherms on
a uniform surface. In this paper we do succeed in
calculating such isotherms, but we show that the
other assumptions necessary are both very specific
and unreal.

Stepwise Adsorption.—We have asserted2that on
a plane uniform surface adsorption would proceed
in a stepwise fashion as pressure increases. Using
the equations of Hill6 we will show that these
equations predict steps when they are modified to
take account of energy transmitted from the ad-
sorbent to the n'th layer. The equations we have
solved numerically are

VAOD = 1 - O«Hi)/(8»i - )] X
exp {(—En/kT) + (iv/kT)(—28n + 1)1
©
8 =Y, en;
n—I
where En = E-Jn3 that is, employing the cube law
of force decay discussed elsewhere.346

=1

p /po-
Fig. 1.— Stepwise isotherm calculated with cube law for de-
cay of surface energy.

(13 Supported by Contract No. AF 19(604)-247 with Air Force
Cambridge Research Laboratories.

() . Halsey, Jr., J. Chem. Phys., 16, 931 (1948).

3) . Halsey, Jr., ./. Am. Chem. Soc., 73, 2693 (1951).

4) . Halsey, Jr., ibid., 74, 1082 (1952).

(5) . Hill, J. Chem. Phys., 15, 767 (1947).

(6) . Hill, ibid., 17, 590 (1949).
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Setting EX'kT—10 and iv/IcT = 8/3, the isotherm
in Fig. 1 was calculated by trial and error. The
steps were located by using the rule of equal areas
on the loops, with the isotherm plotted against log
V/Vb-

The choice of the lateral interaction parameter
w/KT = 8/3 is rather unimportant, as long as it is
somewhat greater than the critical value of two.
Further increase of w/KT only sharpens the steps a
little more by widening the amplitude of the loops.
The cube law force field from the surface separates
the steps, prevents them from all falling atp/po = 1
and thereby making application of the rule of equal
areas to the loops obvious.

The Removal of the Steps.—It seems reasonable
to assert, that if the lattice constant of the
adsorbent is not compatible with that of the ad-
sorbate, that then the periodic structure of the
surface would prevent the ad-atoms from assuming
the optimum configuration for interaction. Thus
w/KkT would be reduced, and adsorption could pro-
ceed without steps. It appears that this is really
true in the first layer, and we shall now examine the
effect of extending the assumption to higher layers.
One may imagine, for example, that the unfavor-
able lattice distance in the first layer imposes a
similar distance on the second, etc.

It is necessary, however, that high layers eventu-
ally assume the structure of the bulk adsorbate, be-
cause otherwise the isotherm would fail to predict
the assumed condensation pressure po of the bulk
phase.

We therefore modify Hill’s equations again by
introducing parameters g,

p/po = [(8. - 8+i)/(0._i - 0] x
exp {(—En /kT) + (W/kT)(—2gn8n+ 1)1
@
i = "«.;«D =1;n = -E h/2

n—I

where gnvaries from zero in the first layer to unity
when n is large. The parameters gn reflect the
ability of each layer to interact horizontally, rela-
tive to the bulk phase. We shall not need to make
any theoretical estimates of gn simply because it
emerges that the specifications of no steps restricts
gnto small values.

In addition, if upon reducing the value of gnone
retains the 1/n3law for En the net energy of adsorp-
tion is reduced so much that almost no adsorption
takes place at all, until, very near p/pc = 1, all the
layers for which gnhas been substantially reduced
go on at once. Therefore, in any layer for which
gn< 1,E nmust be increased to compensate for the
loss in horizontal interaction.

@) R. H. Fowler, “Statistical Mechanics,” 2nd Ed., Cambridge

University Press, New York, N. Y., 1936, p. 795.
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For example, if all gn = 0, Enmust increase to a
constant value everywhere to ensure condensation
at po, and the BET isotherm emerges. This nec-
essary assumption of a constant force field is only a
formal reminder of the unreality of the BET hy-
pothesis of no horizontal interaction.

Two isotherms calculated using specific values of
the parameters are shown in Figs. 2 and 3. The

Fig. 2.— Isotherm with first step in third layer.

Fig. 3.— Isotherm with first step in fourth layer.

values of the parameters chosen are given in Table
I. BET plots are shown in Fig. 4. In both cases
E~/KT was set equal to 10, making w/KT = 5 when
g = |. In other words, if we assumed that the
heat of vaporization is given roughly by Trouton’s
rule, that the lateral and horizontal interactions are
equal, and that the isotherm is taken below the
boiling point, then these values are as small as pos-
sible. At any lower temperature, the step-form-
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Fig. 4.—BET plots of Figs. 2 and 3.

Tabile |

Figure 2 Figure 3
n B En/kT 0 En/kT
! 0 10 0 10
2 0.2 4.8 0.2 4.625
3 0.4* 3.5 0.3 4.1
4 1 0.40 0.4a 3.25
5 1 .08 1 0.15

“ This value of g gives the critical value of the interaction
energy.

ing tendency is greater, because W/KT is larger.

Discussion of the Isotherms.—The isotherm of
Fig. 2 looks normal and gives a good BET plot
below p/po = 0.4. The steps have been suppressed
only below 0 = 3. Above that value the treads
grow relatively short. The riser of the first step is
longer than one layer because the third layer is
completed and the fourth layer filled in one step.

Because of this fact, although g4 = 1, E4has to
be larger than the cube law value to put this step
below p/p0= 1

In Fig. 3 one more step has been removed. The
choice of g's has made the isotherm somewhat
“bumpier,” which shows how sensitive the iso-
therms are to this choice.

A glance at the values of Enshows the unreality of
the assumptions. As long as steps are eliminated
En can hardly be allowed to decline at all, much
less to follow the cube law. Such an assumption is
contrary to present day theories of molecular forces.
It is also apparent that both isotherms are more or
less bumpy in the vicinity of integral 0's. This
bumpiness is extremely sensitive to the choice of
g's for a given value of EA/KT. It is thus sensitive
to temperature changes. Therefore, in order to
reproduce smooth experimental isotherms over a
reasonable temperature range, gnwould have to be
an arbitrary function of temperature so designed to
always eliminate bumps. (In passing one should
remark that the occasional bumpy isotherm experi-
mentally encountered has an easy explanation in
terms of an almost uniform surface.)
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Conclusion.—The equations of Hill are based on
cubic packing rather than hexagonal packing. To
be consistent we should have assigned (as he did)
2 3of £1 to lateral interaction rather than y2 As
Hill has pointed out, the solution assuming hexag-
onal packing is very difficult but, as we have pointed
out, such a refinement increases the tendency to form
steps, because of edge effects associated with the
pyramidal piles of molecules. We have also made
Eh/KT as small as possible. We therefore consider
the following conclusion conservative: the unreal-
ity of the assumptions concerning both surface
forces and film structure necessary to calculate

W. M. Champion and G. D. Halsey, Jr.
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smooth isotherms on a uniform surface justifies
the assumption of a non-uniform surface to explain
smooth isotherms.

DISCUSSION

J. L. Shereshefsky.— An adsorption isotherm of nitrogen
on glass spheres at liquid air temperature obtained in my
laboratory (Shereshefsky and Weir, J. Am. Chem. Soc.,
about 20 years ago) and also of oxygen on the same adsorbent
(unpublished) indicate the presence of the upper branch of a
loop, as shown by the dotted curve in Fig. 1 of this paper.
This phenomenon, which we assumed to be due to a phase
transition, occurred at very low pressures, approx. 10“3mm.
The surface apparently was uniform, as indicated by the
Langmuir type isotherms of other adsorbates on the same
glass spheres.



Oct., 1953

Thermistor Calorimeter for Heats of Wetting

649

A THERMISTOR CALORIMETER FOR HEATS OF WETTING; ENTROPIES
FROM HEATS OF WETTING AND ADSORPTION DATA

By A. C. Zettlemoyer, G. J. Young, J. J. Chesstck and F. H. Healey

Surface Chemistry Laboratory, Lehigh University, Bethlehem, Pennsylvania
Received March 2, 1953

A calorimeter employing a thermistor as the temperature sensing element has been constructed.
water have been obtained for asbestos, rutile, graphon and silica.
The various factors found to influence the reproducibility of the heat measurements are discussed.
in water were measured for asbestos on which various fractions of a water monolayer had been adsorbed;
This behavior, together with the shape of the isosteric heat curves, was taken as an
Absolute entropies of water adsorbed on asoestos were calculated by two

creased linearly with surface coverage.
indication that the surface was homogeneous.

Heats of immersion in
The thermistor showed excellent sensitivity and stability.
Heats of immersion
these heats de-

methods: (1) from adsorption isotherm data obtained at two temperatures, and (2) from a combination of heats of immersion

and single isotherm data.
general agreement.

Introduction

In order to provide further information on the in-
teraction between surfaces and adsorbates supple-
mental to that obtained from gas adsorption meas-
urements, heats of immersion were desired. For
such measurements there is a need for a convenient
and relatively inexpensive calorimeter free from
inherent errors. The small amount of heat liber-
ated by immersion of a solid requires a detector of a
high order of sensitivity. Hutchinsonl has re-
ported on the use of a thermistor in immersion cal-
orimetry but gave no data on either the sensitivity
or stability. In recent cryoscopic work in this
Laboratory2 thermistors were shown to have both
high sensitivity and good stability; this work sug-
gested a detailed investigation of their use in calo-
rimetry. The performance of a calorimeter utilizing
a thermistor as a temperature sensitive element has
been tested and found entirely' satisfactory for the
measurement of heats of immersion.

Recently, Jura and Hill3have pointed out that
theoretically the absolute entropies of adsorbed
molecules can be obtained from a combination of
heats of immersion with spreading pressures from a
single isotherm with considerably more accuracy
than entropy calculations dependent on the differ-
ence in spreading pressures obtained at two temper-
atures. It was pertinent to inquire, then, whether
the calorimetric approach was experimentally
capable of yielding data of sufficient precision to
permit accurate evaluation of entropies from heats
of immersion. An additional purpose of this inves-
tigation was to compare the results determined by
this method with values obtained from isothermal
data alone. Because of extensive adsorption stud-
ies on asbestos underway in this Laboratory, the as-
bestos-water system was chosen for this compari-
son.

A Thermistor Calorimeter for Heats of
Wetting

The Calorimeter.— The calorimeter used to measure heats
of wetting, Fig. 1, consisted of a wide-mouth, silvered De-
war flask cemented to a Plexiglas ring to which the Plexiglas
top could be bolted when assembled. The apparatus was
fitted with a vacuum seal stirrer, A; a small heating coil, B,
of 5 ohms resistance for calibration; and the thermistor, C .4

Part 1.

(1) E. Hutchinson, Trans. Faraday Soc., 43, 443 (1947).

(2) R. R. Myers, Ph.D. Thesis, Lehigh University, 1952.

(3) G.Juraand T. L. Hill, 3. Am. Chem. Soc., 74, 1598 (1952).

(4) The thermistor, 15A, was supplied by the Western Electric Co.,
Allentown, Pennsylvania.

Although the second method gave considerably more precision, both sets of results were in good

The sample tube was held firmly in the sample holder, D,
and broken by tapping the steel rod, E, resting on top of
the sample tube, F.

The apparatus was housed in a specially constructed con-
stant temperature air-bath except for the stirrer and breaker
rod which extended through the top of the bath. The walls
of the bath were two inches thick and consisted of alternate
layers of sheet cork and aluminum foil separated by air
pockets. The temperature was controlled by a cooling coil
and a 100-watt heater operated by a micro mere-to-merc
thermoregulator and thyratron relay. Air circulation in

Fig. 1.— Heat of immersion calorimeter: A, stirrer; B,
heater; C, thermistor; D, sample holder; E, breaking
rod; F, sample tube.

the bath was produced by a 10-inch bucket-blade propeller
turning at 1750 r.p.m. The temperature variation in the
air bath was less than £0.005°.

As pointed out by Boyd and Harkins,5 the following fac-
tors were of primary importance in developing the calorime-

5) G. E, Boyd and W. D. Harkins, J. Am. Chem. Soc., 64, 1190

(1942)
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ter: type and rate of stirring; high accuracy of the measure-
ment of temperature changes; accurate determination of
the electrical energy equivalent; and rapid attainment of
thermal equilibrium with the calorimeter. In addition,
the attainment of a suitable rating period before breaking
the sample tube and the stability of the thermistor were also
found to be important considerations.

Stirring.— A desired rate of stirring was predetermined
by observing the dispersion of samples of various particle
size and density. A stirring rate of about 150 r.p.m. gave
optimum dispersion and a minimum heating effect. To
aid in the complete wetting of the powders only 3- to 8-g.
samples were used in 350 ml. of water.

Temperature Measurement.— The comparatively small
temperature increases accompanying the wetting of a solid
amounted to about (0.01°) for most of the samples used in the
calorimeter. These temperature changes were followed by
measuring the change in resistance of the thermistor by means
of a Mueller resistance bridge (Eppley Co., No. 301). At
25° the thermistor had a resistance of approximately 103
ohms and a temperature coefficient of approximately 5 ohms
per degree. The Mueller bridge, used in conjunction with
a Leeds and Northrup Type HS galvanometer, was found
capable of detecting changes of resistance of 0.0001 ohm.

Rating Period.— The slopes of the temperature or resist-
ance versus time plots were found to influence greatly the
accuracy of the determination of temperature increases.
Therefore, these slopes were made small enough so that the
smallest changes of temperature detectable on the Mueller
bridge could be measured easily. Thus, for example, it was
possible to measure temperature changes of 0.00002° (0.0001
ohm) if this change took place over a 20 to 60 second pe-
riod.

When the air-bath and calorimeter were at the same tem-
perature, the heat evolved due to stirring gave a rating
period with a slcpe of about 0.0070 ohm per minute. A
suitable initial rating period was obtained by the simple ex-
pedient of heating the calorimeter contents until a tempera-
ture differential of about 0.4° was established between the
calorimeter and the bath. The rating period thus obtained
had a slope of about 0.0001 to 0.0005 ohm per minute.
The curve was found to be linear during the 5 to 10 minute
rating period. The heat of immersion usually raised the
temperature about (0.01 °), an amount which did not materi-
ally affect the final rating period.

Sample Tube Breaking.— The sample tubes were made of
specially constructed, thin wall glass tubing. In initial
experiments, tubes were broken by screwing down a steel
rod, but it was found that some heat was evolved from the
friction of the rod against the sample bulb; although small,
this heat could be practically eliminated by shattering the
bulb by tapping the breaker rod lightly. Blank runs indi-
cated that the heat effect resulting from breaking in this
fashion was so small that it contributed only from 0.2 to 0.4
joule to the total heat. A correction of 0.3 joule was ap-
plied to all measurements.

Calorimeter Calibration.— Calibrations were carried out
by comparing the temperature change due to immersion of
powders to the temperature change caused by a known
amount of electr.cal energy introduced by the heater. A
calibration was carried out after each run. In the small
temperature range studied a linear relationship6 was found
between the change in resistance, AR, of the thermistor
and the electrical energy input, AQ. The stability of the
thermistor was entirely satisfactory; over a three-month
period the AR/AQ slope remained constant at 0.00246 =+
0.00003 ohm/joule.

Procedure.— The samples were evacuated at 400°
for 4.0 hours before heats of immersion were obtained, then
were sealed off under vacuum and transferred to the sample
holder. Exactly 350 ml. of distilled water at a temperature
below 25° was added to the Dewar flask. Stirring was be-
gun and bath and calorimeter were allowed to reach tem-
perature equilibrium. The temperature of the calorimeter
was raised slightly above the bath temperature by means
of the heating coil. A time-resistance curve was then fol-
lowed until a steady change in resistance was observed for
a 6-minute rating period. The slope of this initial curve was
not allowed to exceed 0.0001-0.0005 ohm per minute.
Then the sample was broken under the liquid and the time

(6) Over large temperature ranges a linear relationship exists be-
tween In 2and 1/7\
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noted. Time-resistance readings were continued for 5-10
minutes after breaking. The heat of wetting was always
evolved within one or two minutes after breaking.
Experimental Results and Reproducibility.— In Table 1
values of the heats of immersion for a variety of powders

Tabite |

Heat of Immersion of Solids” in W ater at 25°

Heat of Av. Maximum
immer-  devia- Minimum error due
Specific sion, tion, heat to heat
area, & ergs/ ergs/ evolved, of breaking,
Sample m.2g. cm.2 cm.2 joules %
Asbestos” 20.0 850 +20 30.0 0.3
Graphon* 83.0 51 + 6 7.5 1.3
Rutile” 7.3 550 +18 18.0 0.6
Silica7 0.96 564 +16 4.0 2.5

“ Solids evacuated at 400° for 4.0 hours. 6AIll areas de-
termined from nitrogen adsorption data except asbestos for
which water adsorption data were used. “7-R fiber, Cana-
dian Johns-Manville Company. dFurnished by Godfrey
L. Cabot Company. eTitanium pure R-300, du Pont Com
pany. | New Jersey Silica Sand Company.

are given. The breaking errors were computed for the
smallest amount of a particular sample used and, thus, are
maximum values. The average deviations represent a
measure of the reproducibility of the results. However, a
combination of factors such as weighing, pretreatment, ac-
tivation and evacuation of the samples as well as calorimet-
ric behavior affect these values.

The immersional heat values found for silica and rutile
differ by 16 and 30 ergs/cm.2, respectively, from the values
found for these materials by Harkins.6 Since the purity and
history of the samples undoubtedly differ, this represents
good agreement. The low heat value found with graphon
is not surprising since graphon is a hydrophobic solid which
exhibits a large contact angle with water.

Part Il. Entropies from Heats of Wetting and Ad-

sorption Data

Water Vapor Adsorption Measurements.—The
apparatus employed for water vapor adsorption
measurements in this research was similar to the
type described by Orr7 except for the following
changes: (1) Apiezon B was used in the manome-
ters since this oil was found not to absorb water
vapor; (2) absolute adsorption pressures were
measured rather than differential pressures. A
cathetometer was used for reading low pressures
on the oil manometer. The limit of sensitivity
was about 0.004 mm. Hg; considerable scatter in
the data was found below pressures of 0.09 mm.
The dead space volumes were calibrated with he-
lium. Blank runs determined that adsorption of
water by the apparatus was negligible.

The asbestos samples were evacuated at 25° for
12 hours at 10~s mm. before adsorption measure-
ments were taken. These conditions were chosen
since it was desired to remove only the physically
adsorbed water from the surface of asbestos. An
increase of the evacuation temperature to 425° was
found to be necessary before the more tightly bound
water could be completely removed.8

Heats of Adsorption and Entropy of the Ad-
sorbed State from Isothermal Data.—The isosteric

heats of adsorption, Hg —Hs, and equilibrium
heats of adsorption, Hg—H's, with the corresponding
entropy values, Sg —Sb, were calculated for the ad-
sorption of water vapor on asbestos. The isosteric
heat values were calculated in the usual manner

(7) Orr, Proc. Roy. Soc. London, 173A, 347 (1939).
(8) A comprehensive discussion of adsorption by asbestos is to be
published later.
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Fig. 2.— Heats of adsorption for water on asbestos, T —
20°.

from the Clausius-Clapeyron equation at constant
volume adsorbed. The equilibrium heats of ad-

Thermistor Calorimeter for Heats of Wetting
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VOLUME ADSORBED
(ML/GM. NTP).
Fig. 4.— Heats of wetting of asbestos by water, T = 25°

sorption were obtained9from the Clausius-Clapey-
ron equation at constant spreading pressure, <
Thus, it was necessary to determine the spreading
pressure as a function of the equilibrium pressure
at two temperatures from isothermal data either by
graphical integration of the Gibbs equation
p= kT j" Tdinp

where F is the surface concentration, or by inte-
gration of a plot of V/p vs.p. Integrations of both
V vs. In p and V/p vs. p plots were carried out
graphically by use of a polar planimeter. Although
spreading pressures obtained by integration of
either plot agreed quite closely, the plot of V vs. In
p could be extrapolated to zero coverage with more
reliability.

The equilibrium and the isosteric heats of ad-
sorption for water vapor on asbestos are presented
in Fig. 2 and are indicative of adsorption on a homo-
geneous surface.

The entropy terms, Sg —Ss, were evaluated from
the equilibrium heats of adsorption by the relation
Sg—Ss= Hg—Hs/T. The entropy of water vapor,
Sg, was calculated at the various equilibrium pres-
sures and the absolute entropy of the adsorbed
state, Ss, plotted in Fig. 3, was determined as a
function of volume adsorbed.

Entropy of the Adsorbed State from Heats of
Wetting.—The entropy of the adsorbed stace was
also calculated independently from the equation

T(Sb -

sL) = + v/r - kT Inz (1)

) The symbols and method of calculations correspond to those indi-
cated by Hill, 3. Am. Chem. Soc , 17, 520 (1949).
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THE ADSORPTION OF BENZENE AND WATER VAPOR BY MOLYBDENUM
DISULFIDE1
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Adsorption isotherms of nitrogen, benzene and water vapor on molybdenum sulfide have been determined.
philic layer of molybdenum trioxide is found on sulfide surfaces that have been heated to 110°.

A hydro-
The oxide layer is largely

removed by treatment with ammonium hydroxide at room temperature, or by this treatment followed by hydrogen sulfide

gas at 125°.
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Materials and Methods

Molybdenum disulfide, obtained from the natural mineral
molybdenite, is purified by the Climax Molybdenum Com-
pany, by a method described by Killeffer and Linz.2 The
purified material has an assay of 99% M 0S2(complete analy-
sis involves certain difficulties). This is supplied by the
Climax Molybdenum Company as Grade No. 3. In this
form the powder appears to have traces of an oily contaminant
on the surface. It has a nitrogen BET area of about 3 sq.
m./g. Asample was pulverized for the authors by the Micro-
nizer Company, thus increasing the specific surface to about
10sq. m./g. After comminution the powder isreadily wetted
by water and appears to have lost the traces of oily con-
tamination on its surface. Nevertheless, before use in this
investigation, all samples were washed with various organic
solvents, as described below.

The apparatus for nitrogen adsorption was based on the
design of Bugge and Kerlogue.3 Nitrogen gas, obtained as
99.9% pure from the Matheson Company, Inc., was further
purified by heating to 300° in the presence of copper turn-
ings, and then leading it through a liquid nitrogen trap.
The helium was a spectroscopically pure grade from the
Air Reduction Company.

Water vapor and organic vapor adsorption were measured
by use of an apparatus descrioed by Harkins and Jura.®
Since this apparatus has stopcocks in the adsorption system,
some care had to be taken to minimize adsorption of the or-
ganic vapor by the stopcock grease. The satisfactory use
of fluorocarbon oils as lubricants in contact with organic
vapors has been described by Davis, Grossman and Harris.6

(1) Part of a Thesis presented by E. V. Ballou to the Graduate
School of Rensselaer Polytechnic Institute, in partial fulfillment of the
requirements for the degree Doctor of Philosophy,

(2 D. H. Killeffer and A. Linz, “Molybdenum Compounds/’
Interscience Publishers, Inc., New York, N. Y., 1952, pp. 196-197.

(3) P. E. Bugge and R. H. Kerlogue, J. Soc. Chem. Ind., 66, 377
(1947).

(4) W. D. Harkins and G. Jura, 3. Am. Chem. Soc., 66, 1356 (1944).

(5) P. T. Davis, J. H. Grossman and B. L. Harris, Anal. Chem., 21,
194 (1949).

The oxide-free surface is found to be hydrophobic.

The amount of water vapor adsorbed is proportional to the

A sample of Fluorolube Grease GR-362 was supplied by the
kindness of the Hooker Electrochemical Company and found,
on testing, to be satisfactory for organic vapors in the rela-
tive pressure range below 0.5. At higher relative pressures
a slow absorption of organic vapors by the grease could be
detected.

The water used as adsorbate was distilled and boiled con-
ductivity water. The organic solvents were each distilled
and dried over sodium immediately before use.

The temperature at the sample was controlled by circula-
tion of water around the sample holder from a constant tem-
perature bath. The temperature at the sample was ad-
justed to £+0.05° by means of a thermoregulator in the main
bath. The thermometer was compared to an N.B.S. cali-
brated thermometer.

Preliminary Treatment of Adsorbent.— Preliminary ex-
periments were performed on adsorbent 1 as described be-
low. When it was suspected that oxide coating covered
the sample, other treatments were introduced to remove the
oxide coating. All the experiments were made with the “mi-
cronized” material of ca. 10 sq. m./g.

Adsorbent 1.— The sample was extracted for an hour with
acetone, then for an hour with water in a Soxhlet apparatus.
It was then dried in air for six hours at 110°.

Adsorbent 2.— The sample was extracted for an hour with
carbon tetrachloride, an hour with benzene, a half-hour with
acetone and an hour with water in a Soxhlet apparatus, with
vacuum drying at room temperature after each extraction.
The sample was then made into a slurry with a dilute solution
of ammonium hydroxide (1.44 meq. wt./g. solid). It was
then washed with distilled water by stirring, centrifuging and
decanting until the pH of the supernatant liquid was less
than 7. The solid was dried in a vacuum at room tempera-
ture.

Adsorbent 3.— A portion of adsorbent 2 was placed in a
glass tube inside a furnace and dry hydrogen sulfide: gas
passed through it for 12 hours at 125°. This treatment was
based on a method reported for the preparation of M 0S2
from M 003.67 The sample was then maintained in a vacuum
for 12 hours at 175°.

Adsorbent 4.— To determine if any residual sulfur was
present on adsorbent 3, a portion of it was whkshed with
carbon disulfide, by stirring, centrifuging and decanting.
It was then washed in a similar way with benzene, and
dried at room temperature in a vacuum.

Adsorbent 5.— To ascertain the effect of prolonged drying
at 110°, a sample was treated with dilute sodium hydroxide
solution (1.44 meq. wt./g. solid), then washed with water
in a Soxhlet apparatus until the extract was neutral. This
solid was then dried in air a:. 110° for 45 days.

Samples described as “activated” were desorbed at 10“4
mm. or less at 200° for 3-6 hours. “Non-activated”
samples were desorbed at 10-4 mm. or less at room tempera-
ture, after a series of sorption-desorption cycles to satura-
tion with the vapor.

Results

The experimental results are presented in a series of
figures in which the water vapor and benzene vapor adsorp-
tion isotherms are compared for each adsorbent. Figures
1 and 2 refer to adsorbent 1, activated at 300° (Fig. 1) and

(6) E. H. M. Badger, R. H. Griffith and W. B. S. Newling, Proc.
Roy. Soc. (London), A197, 184 (1949).

(7) Treatment of adsorbent 2 with dry hydrogen sulfide gas at 125°
does not necessarily convert all of the MoO* to M0S2 However the
extent of the surface oxidation is thereby reduced.
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Fig. 1.— The adsorption of water at 25.0° and benzene at
20.0° on activated adsorbent 1.

Fig. 2.— The adserption of water at 25.0° and benzene at
26.0° on non-activated adsorbent 1.

non-activated (Fig. 2). Figure 3 shows the two isotherms
for adsorbent 3, activated at 180° for benzene, and for
water, non-activated, after a single sorption-desorption cycle
to saturation with water vapor. Certain points on Fig. 3
refer to adsorbent 4. Figure 4 shows isotherms for benzene,
toluene and «-heptane on adsorbent 1, activated at 300° and
for toluene on adsorbent 1, non-activated after a single sorp-
tion-desorption cycle with water vapor.

Results for isosteric heats of adsorption were obtained
from isotherms at two different temperatures, by application

E. V. Ballou and Sydney Ross
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Fig. 3.—The adsorption of water on non-activated ad-
sorbent 3 (A = adsorption, IE = desorption) and activated
and non-activated adsorbent 4 (=), and of benzene on acti-
vated adsorbent 3 at 20.0°.

Fig. 4.— The adsorption of benzene, «-heptane and toluene
on activated adsorbent 1 and toluene on water-treated, non-
activated adsorbent 1 at 26.0°.

of the Clausius-Clapeyron equation. The temperatures
were 10° apart. These results are plotted as a function of
V/Vm, where Vmrefers to the point of monolayer coverage
as found by the BET equation, applied to each adsorbate.
The isosteric heats of adsorption for benzene on adsorbents
2 and 3 are shown in Fig. 5, and are seen to coincide. The
isosteric heats of adsorption for water on adsorbents 2 and 3
are shown in Fig. 6. Since the water isotherm for adsorb-
ent 2 has a hysteresis loop, both the adsorption and desorp-
tion branches are used.

Discussion of Results

The varlatlon OI] e water va or an nzegse
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J)artlc arly as tr f was e3| ned.
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Vapor by Molybdenum Disulfide

Fig. 6.— Isosterie heats of adsorption of water on activated
adsorbent 2 and non-activated adsorbent 3 from 20.0 and
30.0° adsorption isotherms
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lesser extent, benzene adsorb on a portion only of
the total surface (as determined by nitrogen adsorp-
tion). The proportionality between the specific
surface covered by the water and the acid numbers
shows that the oxidized portions of the surface
chiefly account for the adsorption of water vapor.
Benzene vapor is more catholic in its choice of ad-
sorption sites, but when the surface is heavily oxi-
dized (adsorbents 1 and 5) covers less than the total
area.

Table |

Specific Surface Areas (Sq.M ./G.) of Molybdenum D i-

sulfide as Determined by Nitrogen, Benzene and

W ater Adsorption Isotherms

Nitro- Ben- B

gen zene Water (0 = 10.8A.2) Acid no.

G f @ = Adsorp- Desorp- meq.

Adsorbent 154 A.9 323 A, tion tion wt./g.
I-Activated 9.9 7.5 6.3 7.4 1.3
1-Non-activated 6.8 7.0 7.0 '
2-Activated 11.8 8.9 2.0 1.9 0.35
3-Activated 9.1 9.1 1.2 1.2 0.18
3-Non-activated 0.95 1.0 '
~ FActivated 1.0
LNon-activated

5-Activated 5.5 3.4

The other organic vapor isotherms shown in Fig.
4 are of interest in affording a comparison of molec-
ular covering areas on the same surface. To cor-
respond with the area of 7.5 sq.m./g. as found from
benzene with a = 32.3 A.2 the corresponding values
would be toluene 50.2 A.2and n-heptane 49.0 A.2

The isosteric heats for the adsorption of benzene
vapor on adsorbents 1, 2 and 3 are plotted on the
basis of the specific surfaces given in column 3 of
Table I, i.e., Fmfrom the benzene isotherm of each
adsorbent. On that basis it is found that there is a
good agreement for the adsorbents 2 and 3 (Fig. 5).
The isosteric heat of adsorption of benzene is not
affected by the difference in treatment of the sam-
ple, which merely provides more or less hydropho-
bic surface on which the benzene adsorption can
take place. The general trend is for a rapid drop of
the isosteric heat at F/F m —0.5, where it is approx-
imately equal to the heat of liquefaction. After
F/Fm= 1.0the isosteric heat becomes constant and
then rises toward the heat of liquefaction. The
heats on adsorbent 1 show very different behavior,
but the isotherms were not carried far enough to
enable us to ascribe much significance to this dif-
ference.

The isosteric heats for the adsorption of water va-
por (Fig. 6) are complicated by the presence of the
hysteresis loop. For adsorbent 3, where the hys-
teresis loop is small, the heat drops in value until
F/Fm= 1, then levels off and rises gradually. The
heat of adsorption is well below the heat of liquefac-
tion at F/Fm= 1and rises only gradually toward it
as F/F mincreases. Fmfrom the water isotherm of
this adsorbent actually represents only a fraction of
the total available surface, probably the small re-
sidual hydrophilic fraction. The remainder of the
surface is hydrophobic and because of that influence
the isosteric heat, which is averaged over the whole
surface, rises only slightly toward the heat of lique-
faction even for relatively large amounts adsorbed.

E. V. Ballou and Sydney Ross

Vol. 57

It is of interest that the heats of adsorption of wa-
ter on the oxide surface are similar in general behav-
ior to those of benzene on the hydrophobic surface,
and the actual magnitudes of the heat values are not
far apart. It is this circumstance that accounts for
the clear-cut transition of the surface from hydro-
philic to hydrophobic when most of the oxide layer
is removed.

Acknowledgment.—The authors gratefully ac-
knowledge the aid given to this work by a grant
from the Kennecott Copper Corporation.

DISCUSSION

Todd Doscher.— Do you know how much of the sur-
face must be converted to the oxide before the material be-
comes hydrophilic?

Sydney Ross.— No.

J. C. Arnert— 1 would like to suggest that the small
residual hysteresis loop which is found after repeated cycling
with water vapor is due to the swelling of the adsorbent caused
by penetration of the crj'stal lattice by the water mole-
cule. We have experienced a similar effect in my laboratory
in the low temperature adsorption of nitrogen on an Acheson
graphite and we feel this can be interpreted on the same basis.
Such a penetration might also explain the decrease in iso-
steric heat with increasing coverage to V/Vm — 1.

A. C. Zettiemoyer.— We recently calculated the isosteric
heats of adsorption of water on Graphon from the measured
heats of' immersion, using the Thermistor calorimeter de-
scribed here earlier today. Graphon has about 0.01% of
its surface available for water sorption against the 10% for
Dr. Ross’s Adsorbent 3. Oxygen complexes on the surface
of graphite play an analogous role in water sorption to the
molybdenum oxide on the surface of molybdenum sulfide.
Our calorimetric heats of adsorption plotted against volume
of water vapor adsorbed, as shown in the accompanying

Fig. A.

graph (Fig. A.), are very strikingly similar to Fig. 6; simi-
larities include the general shape of the curve, the large
negative net heats, the minimum just beyond the Fm for
water vapor, and the magnitude of the heats of adsorption.
The first sites covered appear to be more energetic than the
later ones, and the heat rises somewhat for the second layer,
apparently because water molecules sorb more energetically
on the previously adsorbed molecules. Cluster adsorption
would explain the findings in both cases. Both graphite and
molybdenum disulfide have strongly hydrophobic surfaces
that have little tendency to sorb water vapor; in both cases
the water that does sorb at low relative pressures is picked
up by traces of oxidized material on the surface. This dual
coincidence is responsible for the striking similarities between
Fig. 6 of Dr. Ross’s paper and our diagram for water sorption
on Graphon.

Sydney R oss.— Another similarity of graphite and molyb-
denum disulfide is in their application as solid lubricants.
Dr. R. H. Savage of the General Electric Company has
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tested graphite, boron nitride, mica and molybdenum disul-
fide as solid lubricants at very lew pressures. He found
that molybdenum disulfide differed from the other solids in
continuing to act as a lubricant even in the presumed ab-
sence of an adsorbed layer of water. It is difficult, however,
to obtain a specimen of molybdenum disulfide that is en-
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tirely free of oxide, and it is even more difficult to free molyb-
denum trioxide of its strongly bound water. | therefore
suggest that molybdenum disulfide is not exceptional in its
ability to lubricate in the absence of sorbed water, but excep-
tional in the difficulties that it poses to the removal of the
last traces of water.
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Isotherms are reported for ethyl chloride adsorption on a carbon of unusually homogeneous surface.

at temperatures from —78 to 75° are shown.
from the isotherms.

In a recent; publication Pierce and Smith3 have
reported data for the adsorption of ethyl chloride on
a new sample of Graphon which seems to have an
unusually homogeneous surface. The adsorption
isotherms were of unusual shape, being convex to
the pressure axis in the region below Fm and the
isosteric heats calculated from them showed a maxi-
mum near IN. It seemed worthwhile to obtain
additional data for this system. Isotherms have
now been obtained over a wide range of tempera-
ture, and energies and entropies have been calcu-
lated from them.

Experimental

Ethyl chloride adsorption isotherms were determined at
—78, —25, 0, 25.2, 50.5 and 75.2°. Adsorption was de-
termined by a gravimetric method. The apparatus and
procedure were identical with those described previously.34
The Graphon sample used was the same 13 g. as in earlier
measurements.3

Before starting the measuremenis the sample was pumped
to a McLeod vacuum and baked out at about 400° with
pumping for at least two hours. This was increased to six
hours if the sample had been exposed to air.

Temperatures above 0° were obtained by use of a water
thermostat and mercury regulator. Zero degrees was main-
tained by an ice-bath. To obtain —25° melting carbon
tetrachloride was used. Solid CCL whks obtained when re-
quired by the addition of small amounts of Dry Ice to the
liquid. Temperature was controlled by this method to
+0.5°. This fluctuation made necessary a measurement of
Pa for each adsorption measurement. An ethyl chloride
vapor pressure thermometer was constructed for this pur-
pose. Although very little temperature fluctuation was ob-
served during xhe measurement o’ a single point of the iso-
therm, the vapor pressure was found to fluctuate from 141.5
to 148.5 mm. between the various measurements. The
temperature of —78° was obtained by surrounding the sam-
ple with powdered Dry Ice. Either by the use of a stream
of CO2gas through the bath or by the use of a 0.5-watt
heater at the bottom of the container it was possible to con-
trol the temperature to +0.05°.

For the temperatures from 25 to 75°, for which the ethyl
chloride has a vapor pressure above 1 atmosphere, no at-
tempt was made to measure padirectly. The values of pa
used were obtained by interpolation from the data given by
Stull.5 At 0 and —78° measurements of pa were made giv-
ing values of 472 and 3.37 mm., respectively, in excellent
agreement with the Stull data. Measurement of paat —25°
is mentioned above.

(1) This is a report of work conducted under Contract N8onr54700
wdth the Office of Naval Research.

(2) University of California, Riverside, Calif.

(3) W. C. Pierceand R. N. Smith, J. Am. Chem. Soc., 75, 846 (1953).

(4) R. N. Smith, ibid., 74, 3477 (1952).

(5) D. R. Stull, Ind. Eng. Chem. 39, 517 (1947).

Six isotherms taken

Isosteric heats and differential and integral entropies have been calculated

Relative pressure, p/pa.
Fig. 1.— Ethyl chloride adsorption isotherms for Graphon

Relative pressure, p/p«.
Fig. 2.— Low pressure portion of ethyl chloride isotherms for
Graphon.
Results and Discussion

The adsorption isotherms obtained are shown in
Figs. 1and 2. Figure 1 shows the isotherms com-
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75° 50° 25° 0° -25° -78°

Fig. 3 -Clausius- Clapeyron plots of ethyl chloride adsorp-
tion data.

plete while Fig. 2 shows the low pressure portion
only on an enlarged scale. The same general fea-
tures of the isotherm show up at every temperature:
an initial concave (to the p/po axis) portion, prob-
.ably due to adsorption on the heterogeneous parts
of the surface; a convex region, where the adsorp-
tion builds up on the homogeneous surface; a
point B at the completion of the monolayer; a
nearly level portion followed by a sharp increase in
V where multilayer adsorption occurs. Although
these features are found in all the isotherms they
are seen to become less distinct as the temperature
increases. Since the pressure that could be used
in the adsorption was limited to 1 atmosphere by
the apparatus used, isotherms of 25, 50 and 75° are
not run far past point B. Isotherms for the lower
temperatures have, however, been obtained at pres-
sures high enough so that adsorption corresponding
to about three times that required for the comple-
tion of the monolayer has been observed. It isin-
teresting that even at —78° no hump at 2Fm is
found with these isotherms as has been found by
Joyner and Emmett6for the adsorption of nitrogen
on Graphon.7 The second hump seems to be due to
the completion of the second layer before the higher
layers form to any considerable extent. That this
does not occur with ethyl chloride adsorption may
be due to the higher temperature used or may be due
to differences in packing of the larger molecule

(6) L. G. Joyner and P. H. Emmett, 3. Am. Chem. Soc., 70, 2353
(1948).

(7) Personal communications from R. A. Beebe and W. R. Smith

indicate that the 2Fm hump is more pronounced on the new Graphon
than on the sample used by Joyner and Emmett.
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which would make the formation of a second layer
less distinct.

Isosteric heats have been calculated from the iso-
therms by use of the Clausius-Clapeyron equation.
Data for various amounts of adsorption were taken
from the smoothed isotherms and plotted (Fig. 3) as
log p/po versus I/T. In general the points for any
constant amount of adsorption fall near a straight
line, indicating that the heat of adsorption does not
change greatly with temperature. In the region
near Fm(11-13 cc.) the lines curve in such a way as
to indicate a much higher heat of adsorption at
—78° than at 0° or above. A possible explana-
tion for this is that near Fma given volume of ad-
sorbate may be held differently at two different
temperatures. Consider, for example, 100 mole-
cules which may at —78° form a completed first
layer over a certain area of the surface. The heat
of adsorption of the hundredth molecule would be
quite high since a large contribution to the heat is
made through its contact with the carbon surface
and an additional contribution is made by the co-
operative effect from the array of previously ad-
sorbed molecules into which it fits. At —25°, how-
ever, due to the expansion of the adsorbate, this
same area would probably be completely filled with
only 95 molecules. The heat of adsorption of the
hundredth molecule, which in this case must be ad-
sorbed in the second layer, is considerably lower
than at —78°, since both contact with the carbon
and the cooperative effect have been lost. This
would bring about the sort of deviations found in
the region of point B. Eleven cubic centimeters of
ethyl chloride appears to be almost completely ad-
sorbed in the first layer at —78°, but at —25° a
considerable amount seems to have been forced into
the higher layers. The log p versus I/T plot, then,
is found to be curved so as to be much steeper at
the lower temperature.

This situation raises questions regarding the
applicability of the Clapeyron equation to heats of
adsorption. The differential form of the equation
is certainly rigorous.8 For practical application,
however, it is necessary to use the Clapeyron equa-
tion in integral form with data from two or more
isotherms. If the range of temperature is large, as
it usually must be if the calculated heats are to be
reasonably accurate, the situation near Fmis likely
to be that discussed above. If the adsorbed mole-
cules do not all occupy the same surface sites at the
two temperatures the interpretation of the meas-
ured heat becomes somewhat ambiguous.

The calculated isosteric heats are shown in Fig. 4
as a function of the amount of adsorption. These
data were calculated from the log p/po versus I/T
plots. In the region from 10 to 12 cc. only the lin-
ear portion at the higher temperature was consid-
ered. In general shape this curve resembles those
obtained for nitrogen adsorption on Graphon by
Beebe, Biscoe, Smith and Wendell9by a calorimet-
ric method and by Joyner and Emmett6from their
isotherms. The new curve, however, shows a much
deeper minimum after the initial drop, and a higher

(8) T. L. Hill, “Advances in Catalysis,” Vol. IV, Academic Press,
Inc., New York, N. Y., 1952, p. 244.

(9) R. A. Beebe, J. Biscoe, W. T. Smith and C. B. Wenaeii, J. Am.
Chem. Soc., 69, 95 (1947).
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Fig. 4.— Isosteric heats of adsorption (H1' — H's) of ethyl
chloride on Graphon.

sharper maximum in the region of Vm This can
probably be interpreted to mean that the new
Graphon sample has a much more homogeneous
surface than the sample used for the nitrogen ad-
sorptions. It does not seem wise, however, to read
too much into the differences between the curves
since different adsorbent gases were used.

The heat curve reported by Pierce and Smith3
for this sample is somewhat in error as might be ex-
pected for calculations from two isotherms taken
only 10° apart. The new data show quite clearly
that even for this sample the heats are high for
very low adsorption as deduced by Pierce and
Smith from the shape of the isotherms. A mini-
mum is found at V = 0.8 cc. Isosteric heats can-
not be found very accurately in the region of very
little adsorption, however. Too much significance
should not be attached to the actual values for the
heat where the adsorption is less than about 1 cc.
The curve has now been extended also to much
greater adsorption, and a second maximum is
found in the region of V = 23 cc. This is at
roughly 2Vmand the increased heat may very well
be due to the influence of the cooperative effect in
the second layer. It is interesting that this maxi-
mum is found even though there is no hump in the
isotherm corresponding to it.

Figure 5 is a plot of the differential and integral
entropies as calculated by the method of Hill, Em-
mett and Joyner® from the isotherms at 0 and
—25°. Data from these isotherms are shown
rather than those at higher temperatures since
these isotherms were run out to higher values of V.
However, since the heats show generally no change
with temperature, the entropies also show no
change, and curves calculated between isotherms
taken at the higher temperatures quite closely
resemble those shown over the values of V for
which data have been obtained. Use of the —78°
isotherm gives entropies different from the rest, but
since the heat values at —78° show abnormalities
it is to be expected that the entropies calculated
from this isotherm will also.

(10)
73, 5102 (1951).

Heats and Entropies of Adsorption on a Homogeneous Carbon Surface

T. L. Hill, P. H. Emmett and L. G. Joyner, J. Am. Chem. Soc.,

659

Fig. 5.— Differential entropy (5s — S'1) and integral en-
tropy (Ss — S1, shown as the broken line) determined from
isotherms at 0 and —25°.

In the differential entropy curve can be seen a
further demonstration of the similarity between
the ethyl chloride-Graphon system and the nitro-
gen-Graphon system of Emmett and Joyner. The
explanation of the curve presented by them seems
quite reasonable. On a uniform surface the initial
adsorption should be expected to be quite random
and the entropy of the adsorbed material to be
much higher than that of the liquid. As the mono-
layer is completed and additional adsorbed mole-
cules force the layer into a more ordered array, the
change becomes negative. Adsorption into the
higher layers again increases randomness and the
entropy goes through a maximum before approach-
ing the entropy of the liquid asymptotically. The
ethyl chloride data show no second dip of the en-
tropy into the negative region. This must be
added to the other evidence indicating an absence
of distinct second layer formation for ethyl chloride.
A comparison of the two systems makes it seem
quite likely that the second minimum observed by
Joyner and Emmett is due to the completion of the
second layer in a fairly ordered array before much
higher layer adsorption takes place.

The integral entropy of the ethyl chloride ad-
sorbed layer remains greater than that of the liquid
over the full extent of the adsorption. A very
slight maximum and minimum are found where
this curve crosses the differential entropy curve.
Hill, Emmett and Joyner®D have shown how the
minimum in the integral entropy curve may be
used as a thermodynamic measure of the volume
adsorbed in the monolayer. This method seems
equally applicable here. Vmdetermined this way is
11 cc., in good agreement with Vmdetermined less
precisely from point B. There can be no check of
this value against Vm determined from the Bru-
nauer-Emmett-Teller equation since the equation
is not applicable to isotherms of this shape, and the
usual BET plot shows no linear portion.
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Adsorption of ethyl alcohol vapor on glass spheres approximately 3 mm. in diameter was studied.
were obtained, each involving the same spheres and the same number of them, but carried out at a different porosity.
porosities of the systems corresponded to 10.25, 10.80, 11.1 and 11.35 contacts per sphere.

Four isotherms at 0°
The
From zero pressure to relative

pressure 0.25 the isotherms are practically identical, but from this point to saturation the isotherms diverge in a direction of

increasing adsorption with increasing number of contacts per sphere.

It is shown that the estimated volume per contact

agrees with the observed, and the mechanism of the adsorption process is interpreted in terms of the capillary condensation

theory.

Introduction

Capillary condensation has been frequently used
in the interpretation of adsorption of vapors in
porous bodies. These interpretations have been
mainly extended to high relative pressures close to
saturation.l The objection to the application of
this theory to lower relative pressure is primarily
based on the fact that the Kelvin equation gives
improbably low values for the pore sizes.2 In re-
cent years a considerable amount of evidence3-8
has become available in the literature as to the ab-
normal behavior of liquids held in microscopic
pores or crevices. Of particular interest in this
connection is the abnormal vapor pressure lowering
in artificial capillary systems9-12 devised with the
purpose of testing the Kelvin equation. It seemed
to us, in view of this evidence, that the objection
referred to may not be valid, and we were encour-
aged to undertake this study of adsorption in a sys-
tem of constant total surface and variable pore con-
tent. We were guided by the following considera-
tions.

It is known that a system consisting of a large
number of uniform spheres in random packing may
be considered as a mixture of the hexagonal and
cubical arrays, where the average number of con-
tacts per sphere is approximately a linear function of
the porosity.13 In an adsorption system consisting
of a number of spheres each contact made by two
adjacent spheres may be considered as a region of
capillary action, where under appropriate condi-
tions capillary condensation will take place. With
a large and fixed number of spheres, the number of
contacts may be varied within certain limits, while
the total surface available to adsorption remains
practically constant. This will be true for per-
fectly smooth surfaces and for imperfect surfaces

(1) J. W. McBain, “ The Sorption of Gases and Vapors by Solids,”
G. Rutledge & Sons, Ltd., London, 1932, p. 443.

(2) Reference 1, p. 438.

(3) F. W. Parker, J. Am. Chem. Soc., 43, 1011 (1921).

(4) A. S. Coolidge, ibid., 46, 680 (1924).

(5) J. J. Trillat, Compt. rend., 180, 1839 (1935).

(6) Jean Perrin, Kolloid-Z., 51, 2 (1930).

(7) A. Maurice Taylor and A. King, J. Optical Soc. Am., 23, 308
(1933).

(8) B: Deryagin, z. Physik, 84, 657 (1933).

(9) J. L. Shereshefsky, J. Am. Chem. Soc., 50, 2966 (1928).

(10) J. L. Shereshefsky and Clarence P. Carter, ibid., 72, 3682
(1950).

01) K. V. Chmutoff, J. Phys. Chem. (U.S.S.R.), 9, 345 (1937).

(12) K. V. Chmutoff, Colloid J. {U.S.S.R.), 11, 44 (1948).

(13) W. O. Smith, Paul D. Foote and P. F. Busang, Phye. Rev., 34,
1271 (1929).

possessing, crevices, cavities or protrusions. When
such a system is packed under a high vacuum, it is
probable that a certain fraction of the contacts will
be so close as to preclude adsorption from taking
place on the areas involved. If the areas of con-
tact are appreciable and the number of such con-
tacts is large, the available surface will be larger in a
system of high porosity than in one of low porosity.
If the adsorption process is purely a surface phe-
nomenon of a mono- or polymolecular type, the ad-
sorption capacity at a given pressure will be greater
in a system of high porosity than in one of low po-
rosity, and vice versa.

One arrives at the same conclusion when consid-
ering contacts in which the spheres do not meet per-
fectly, and are separated by small distances. In a
low porosity system the spheres are more closely
packed, and the distances of approach are on an av-
erage smaller than in a system of high porosity.
If the adsorption process is of a polymolecular layer
type, thinner adsorption layers would be favored in
a system of low porosity.

If capillary condensation is a part of the adsorp-
tion process, the adsorption capacity will be greater
in a system of lower porosity, since the capillary
capacity of the system is higher. Each contact,
whether perfect or imperfect, will serve as a seat of
capillary action. The imperfect contact is gener-
ally due to surface imperfections, such as point pro-
trusions, and is in a sense a multiple point contact.

Experimental

Apparatus.— The apparatus for measuring adsorption
was of the conventional volumetric type, except that mer-
cury cut-offs were included instead of stopcocks. The
vessel containing the adsorbate was provided with a gradu-
ated neck, and was connected to the apparatus by means
of a mercury sealed ground glass joint. This arrangement
allowed rotation of the vessel into a horizontal position.
In this position, it was possible to change the system of
spheres from low to high porosity without exposing it to the
atmosphere, and also to loosen the spheres during activation
to prevent cracking of the vessel. In activating the spheres,
the system was heated to a high temperature causing con-
siderable expansion. The graduated neck allovred for the
determination of the volumes occupied by the spheres at dif-
ferent packing, and hence the porosities.

The two main parts of the apparatus, the pre-expansion
and the adsorption volumes were 175 and 240 cc., respec-
tively. The latter volume included the free space in the
vessel containing the spheres. These volumes were cali-
brated with helium, using Boyle's law. The spheres and
part of the adsorption volume, namely, 33 cc., were kept at
0°; the pre-expansion volume and 207 cc. of the adsorption
volume were kept at room temperature. The pressures
were measured with a cathetometer accurate to 0.02 mm.

Materials.— Soft glass spheres made in Czechoslovakia
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Relative pressure, Pn/P..
Fig. 1.— Adsorption of ethyl alcohol on glass spheres:
temp., 0°; porosity, 0.340; contacts, 10.25 per sphere.
,run2; Q,run3; ®, run4.

and distributed by American Supply houses were used for
the adsorbent. The spheres were sifted and those approxi-
mating 3.0 mm. in diameter were retained. They were
cleaned with concentrated nitric acid for a few minutes, with
dilute nitric acid for several hours, and were washed with
running distilled water for 18 hours. During the washing,
which was done in a Buchner funnel, the spheres were always
under water; washing was followed by drying in an oven at
2000 for two hours and cooling in a desiccator. When cooled
they were weighed and transferred to the adsorption vessel.
The number of spheres taken was determined by weight, the
average weight per sphere having been established before-
hand.

Ethyl alcohol was used as adsorbate. It was purified and
dried in accordance with the method of Weissberger and
Proskauer.14 The drying was repeated several times. The
dissolved air was removed from a few cc. of the alcohol placed
in the storage vessel consisting of two bulbs connected to
the apparatus by repeated distillation from one bulb to the
other and frequent pumping. Absence of absorbed gases
was established with the McLeod gage, using sticking of con-
densed vapor in the tip of the capillary as indicator.

Procedure.— The activation of the spheres which have
been exposed to the atmosphere consisted of alternating
evacuation at a high temperature with saturation with the
vapor of the adsorbate at the temperature of the experiment.
To obtain reproducible surface conditions this treatment was

(14) Arnold Weissberger and Erich Proskauer, “Organic Solvents,”
The Clarendon Press, New York, N. Y.r 1935, p. 118.
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0 0.2 0.4 0.6 0.8 1.0
Relative pressure, Pn/P,.

Fig. 2.— Adsorption of ethyl alcohol on glass spheres:
temp., 0°; porosity, 0.317; contacts, 10.80 per sphere.
. mn 2; Q, run 3.

repeated two or three times. The vessel and spheres were
rotated into a horizontal position and heated in an electric
furnace to 300°, while maintaining a vacuum of 10~6 mm.
of mercury. At the end of two hours of continuous heating
and pumping the vessel was returned to its vertical position
and allowed to cool. When sufficiently cool to allow further
cooling in an ice-bath, the spheres were now saturated with
alcohol vapor and allowed to stand in contact with it for
several hours. The activation between runs consisted of
heating at 300° and pumping to maintain a high vacuum for
two hours. Since the spheres were not exposed to the at-
mosphere, it was found unnecessary to repeat the process
in order to obtain reproducible measurements.

Packing of the spheres to the desired porosity was at-
tained by uniform tapping of the vessel held in vertical po-
sition. At the completion of the activation the spheres were
usually loosely packed, but if not sufficiently so they were
loosened by rotating the vessel. It was found that spheres
packed to porosities corresponding to eight contacts per
sphere or less gave systems of insufficient stability. At
these porosities accidental jarring of the vessel, or the vibra-
tions caused by the oil pump, caused changes in the porosity
of the system. Packings corresponding to higher numbers
of contacts per sphere were not affected during the course
of the experiment, and were found to be easily reproducible.
The porosities were obtained from the calculated volume of
the spheres and from the volume which they occupied in the
vessel.

The adsorption measurements were carried out by first
introducing vapor into the pre-expansion volume, Vi, and
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Relative pressures, Pn/P,- Relative pressure, P, /Ps.
Fig. 3.— Adsorption of ethyl alcohol on glass spheres: Fig. 4.— Adsorption of ethyl alcohol on glass spheres:
temp., 0°; porosity, 0.304; contacts, 11.1 per sphere. temp.,0°; porosity, 0.295; contacts, 11.35 per sphere.

, run 1; Q, run 2.

observing its pressure in the manometer. The vapor was
then allowed to expand into the adsorption volume. Read-
ings of the resulting pressure were made frequently until con-
stancy was obtained. The time for obtaining equilibrium
varied from two to thirty minutes, depending on the pres-
sure, more time being required at the lower pressures. To
introduce an additional quantity of vapor the adsorption
and pre-expansion volumes were again separated, and the
same manipulation followed as in introducing the first
quantity. A complete isotherm took from 12 to 20 addi-
tions of vapor.

In preparing the apparatus for a new series of measure-
ments, the spheres were first activated in the manner de-
scribed above, and then adjusted to occupy the desired
volume in the manner described, without having to discon-
nect the adsorption vessel and exposing the spheres to the
atmosphere.

The adsorption was calculated by means of the equation

A = (Pl - Pa) n Pnjpr (1)
where A is the adsorption in moles, P i is the pressure in the
pre-expansion volume for point n on the isotherm, P, is the
equilibrium pressure for point n, Vt, V2and Vh are the vol-
umes referred to above, T is the room temperature and To is
the temperature of the ice-bath. The number of contacts
per sphere was calculated from the two equations

/ *=0.35P5 k +0.4704(1 - 2z) )

1+ 1.828z
C 1+ 0.414z (3)
where/ is the observed porosity, x is the fraction of the total

volume of spheres packed hexagonally, and c is the number
of contacts per sphere.

Results and Discussion

The isotherms given below refer to ethyl alcohol
at 0° as the adsorbate and to 5505 glass spheres as
the adsorbent. In Fig. 1 are given the results of
the measurements with the spheres packed to give
the average number of 10.25 contacts per sphere.
Figure 2 shows the isotherm obtained for a system
with an average number of 10.80 contacts per
sphere, Fig. 3 for 11.1 contacts per sphere and Fig.
4 for 11.35 contacts per sphere.

The adsorption measurements at the four differ-
ent porosities were not made in the order in which
they are presented. First were made the runs at
10.25 contacts per sphere; then the first run at 11.1
contacts, followed by the single run at 11.35 con-
tacts; then the second run at 11.1 contacts; and
finally the runs at 10.80 contacts per sphere. This
procedure was adopted because in the literature are
reported instances in which adsorption increased or
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Tabie |
M oles of Ethyl Alcohol Vapoe Adsorbed at Different Porosities
. . Pn/iy
Porosity a1 0.2 0.25 0.3 0.4 06 0.7 08 0.9 0.95
0.340 3.2 4.0 4.3 4.5 5.2 5.9 6.9 8.5 10.2 12.3 13.2
317 3.0 3.9 4.3 4.8 5.6 6.5 7.8 9.5 11.5 14.2 16.7
.304 2.9 3.8 4.3 4.8 5.8 7.0 8.0 9.3 10.8 14.1 17.0
.295 3.0 3.9 4.3 4.9 5.8 7.0 8.0 9.3 11.4 14.9 17.3

decreased with successive and repeating measure-
ments. It was thought that should this behavior
manifest itself in the present measurements it could
not with this procedure be misconstrued. The ab-
sence of a consistent change in the isotherms in the
order in which they were obtained was assumed as
an indication of the absence of the phenomenon re-
ferred to. This together with the reproducibility of
the isotherms for each packing seems therefore to
establish that the differences observed were caused
by the variation in the number of contacts per
sphere.

Although the spheres appeared to have fire-pol-
ished surfaces, the cleaning process to which they
were subjected undoubtedly caused considerable
corrosion. The total surface of the spheres was
many times larger than the apparent surface. Ad-
sorption measurements with methylene blue, on the
basis that 1 mg. is equivalent to ten thousand sq.
cm., showed that the surface of the 5505 spheres was
52,848 sq. cm. Assuming a monomolecular layer
of alcohol molecules oriented with the hydrocarbon
part toward the vapor phase and occupying 20 sq.
A. units per molecule, the total surface is equivalent
to 4.36 X 10~6mole of alcohol. With the nature of
the two molecules being so different, it is rather
striking that this value corresponds on all isotherms
to the inflection at the relative pressure of approxi-
mately 0.25. Other investigators, 1556 on the
strength of entirely different evidence, have also in-
terpreted similar inflection points to mark the com-
pletion of a unimolecular layer.

Since the total surface in the several systems was
approximately the same, it is consistent that in the
range from zero to 0.25 relative pressure, the iso-
therms for all porosities are practically identical.
The small differences showing decreasing adsorption
with increasing number of contacts per sphere are
perhaps due to decreasing surface resulting from
the increasing number of perfect contacts. This
portion of the curves follows the Langmuir iso-
therm.

From the relative pressure of 0.25 to saturation
the isotherms diverge in directions of increased ad-
sorption with decreasing porosity. Table I shows
that this divergence begins at a relative pressure of
about 0.3 and increases continuously to saturation.
An exception to this regularity in behavior is the
point at the relative pressure 0.8 on the isotherm of
porosity 0.304, which shows an appreciably lower
adsorption than the corresponding point on iso-
therm of porosity 0.317. However, disregarding
this point on isotherm of porosity 0.317, as it is per-
haps due to an experimental error, the adsorption

(15) W. C. Bray and H. D. Draper, Proc. Natl. Acad. Sci., 12, 297
(1926).

(16) P, H. Emmett and S. Brunauer, Trans, Electrochem, Soe*, 71f 12
(1937.)«

at this relative pressure increases as we proceed
from porosity 0.340 to porosities 0.304 and 0.295.

The isotherm of porosity 0.295 does not differ
much from the 0.304 isotherm. These two porosi-
ties are close to the limiting hexagonal array, and
do not perhaps differ as much in the number of con-
tacts per sphere as the calculations indicate. An-
other possibility is that the distance of separation
in a contact is reduced, thus counteracting the ef-
fect of increased number of contacts.

It seems to us, before considering the applicabil-
ity of capillary condensation, that these results
speak against polymolecular layer adsorption. In
the first place, as shown by the monomolecular
regions of the isotherms, the total surface of the
system seemed to have decreased with decreasing
porosity. Although this decrease was not large, it
was appreciable enough to be measured. Had
polylayers been formed at higher relative pressures,
greater differences in adsorption in the same direc-
tion would have shown up.

Secondly, we should expect, on the basis of poly-
layer formation, decreasing adsorption with de-
creasing porosity also in the case of imperfect con-
tacts, i.e., when two adjacent spheres make a con-
tact extending over a microscopic area and include
a narrow gap. Contacts of this type most likely
were much more numerous than the perfect ones,
because of the approximate spherical shape of the
spheres and the imperfections on their surfaces.
These contacts while not preventing adsorption
from taking place would restrict the number of
monolayers that could condense in more porous
systems.

The contrary was true. As we have seen, the
amount of adsorption increased with decreased
porosity, or, which is the same, with increased con-
tacts per sphere. This fact, it appears to us, can be
explained on the basis of the capillary condensa-
tion theory, and the quantity adsorbed at a contact
can be shown to be of the right order of magnitude.

If we assume that the condensed vapor at the
contact of two perfect spheres is in the form of aring
of liquid with radii of curvature Ri and r, as shown
in Fig. 5, geometrical considerations show that

1/r = 1/x 4)
and
1/R, 9E 1/2R 2x (5)

where x is a half of the widest separation of the
spheres at the line of contact with the condensed
vapor, and Tty Ri and r are the radii of curva-
ture of the spheres, the ring and the concave sur-
face of the liquid ring. It is to be noted that the
curvature of the ring is positive and that of the sur-
face is negative. The values of x and R, may be ob-
tained with the aid of the Kelvin equation
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23 dRT. Pn /n 1\

aM og P. \x  2Rtx) ®

where Pn/Ps is the relative pressure, a, dand M are
the surface tension, density and molecular weight of
the liquid adsorbate, and R and T are the gas con-
stant and the temperature, respectively.

The application of this equation at a relative pres-
sure of 0.5, at which point the difference in adsorp-
tion between the 0.295 and the 0.340 porosity iso-
therms is 110 millimoles of alcohol, shows that x is
8.85 A. and that Ri is 1.63 microns. However, it
has been shown in direct tests of the Kelvin equa-
tion that the radii thus calculated are much smaller
than the observed. Thus Shereshefsky and Car-
terDfound that at a relative pressure of 0.975 the
calculated radius is one eighty-second as large
as the directly measured radius of the capillary,
and K. V. Chmutoffux2 found at a relative pres-
sure of 0.82 that the Kelvin value was about a
hundredth as large as the directly measured crevice
formed by two optical lenses in contact with each
other.

It is therefore reasonable to suppose that the ac-
tual value of g at a relative pressure of 0.5 is about
two hundred times larger than the calculated one,
namely, about 1700 A., and the value of Ri corre-
spondingly greater, i.e., about 22.6 microns.

The approximate volume of a liquid ring around
a contact may be taken as half of the volume of the
cylinder ABCD shown in Fig. 5 and is given
by the expression 2wR\x. Substituting the esti-
mated values ir_this expression, we obtain that the
volume of the liquid ring is approximately 2.7 X
10-10 cc. Now, the volume of a liquid ring around
a contact of real spheres, as those used in this ex-
periment, may be considerably larger than the
one in this ideal contact between perfectly spherical
and perfectly smooth spheres.

In a random packing of spheres which are only
approximately spherical, the contacts are most
stable when made at the relatively flatter contours
of the sphere’s surface. This produces contacts of
more extended areas than would prevail between
ideal spheres. Furthermore, due to the irregulari-
ties of the surface each contact may actually con-
tain a number of points of contact between the
protruding particles of each surface of the adjacent
spheres. Thus, each contact formed is in reality a
multiple of pores in which condensation may take
place. The total volume of this contact is consid-
erably greater than that of an ideal contact.

In ascribing the increase in adsorption at the rel-
ative pressure under consideration to the increase
in the number of contacts in the system, we see that
110 millimoles, or 62.5 X 10-6 cc. of liquid alcohol
were adsorbed at 6050 contacts, or that the volume
of a contact is approximately 1 X 10“7cc. This
value is about three hundred and fifty times greater
than the estimated volume of an ideal contact. We
do not know the factor relating the volume of the
real contact with that of the ideal, but it is reason-
able to assume that it is approximately equal to
the roughness factor of the sphere’s surface, which is
35. We see thus that there is fair agreement be-
tween the observed and estimated values of the vol-
ume of a contact.

J. L. Shereshefsky and E. R. Russell
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the radius of curvature of the concave surface of ring.

The adsorption process, as it appears from these
experiments, seems to consist, first, in the formation
of a unimolecular layer on the surface of the adsorb-
ent. The formation of this layer which follows the
Langmuir equation is completed at relatively low
pressures. Capillary condensation seems to begin
to manifest itself also at low pressures, as the forma-
tion of the monolayer is completed. The condensa-
tion of water vapor in a crevice formed by the con-
tact of two optical lenses was directly observed1l 2to
take place at low relative pressures. It is also
evident from the steep rise at relative pressure 0.35
in isotherms of Figs. 3 and 4.

DISCUSSION

J. C. Arnell.— | would like to call the authors’ attention
to work by Carman and Raal which appeared in the Proc.
Roy. Soc. {London), 209A, 59-69, 69-81 (1951) in which a
comparison was made of the physical adsorption of CF2CI2
on loose powders and porous plugs of silica and Carbolac-1.
In general they found that at low pressures the plugs and
powders gave identical results, while at higher pressures the
adsorption became increasingly greater for the plugs until
their pore space is filled and the adsorption limit is reached.
Above this point the adsorption becomes greater for the
powders. The plugs also showed marked hysteresis at
higher pressures which indicated capillary condensation and
no similar effect was found for the powders. In addition,
the authors examined a series of plugs at different porosities
and showed the limitation imposed on the maximum pick-up
with decreasing pore space. The experimental data are
used to calculate pore size distribution and strong evidence
is presented to show that tightly packed aggregates of parti-
cles occur and that the pore size becomes increasingly uni-
form as the porosity is decreased.

J. Th. G. Overbeek—In Table | a definite increase in
adsorption is shown when the porosity decreases from 0.340-
0.317 (increase in number of contacts per sphere 0.55). A
further decrease of the porosity from 0.317-0.295 (correspond-
ing to a second increase of the number of contacts by 0.55)
shows hardly any change in adsorption. This does not
seem to fit into the explanation given, where the increased
adsorption should be proportional to the number of con-
tacts.

Charles G. D odd.'—The data presented by Dr. Sheresh-
efsky do not appear to constitute proof that multimolecular
adsorption played no role in his experiments. The authors
state that “ ... as shown by the monomolecular regions of the
isotherms, the total surface of the system seemed to have
decreased with decreasing porosity.” Actually, the authors
had pointed out previously that the “point B” of each iso-
therm occurred at the same area regardless of porosity. At
relative pressures below about 0.25 the isotherm data points
are almost superimposable. | do not understand why they
thought the total surface decreased with decreasing porosity.
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Secondly, the authors state, ..we should expect, on the
basis of polylayer for mation, decreasing adsorption with
decreasing porosity also in the case of imperfect contacts,...”
I do not agree that this should be expected. The real con-
tacts of 3-mm. diameter spheres would not appreciably affect

Equilibrium Function and Standard Free Energy of Adsorption
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the building up of a few adsorbed layers because these few
la,yers would require only a few angstrom units of depth.
The authors’ results may be interpreted in terms of capillary
condensation, but they do not rule out the possibility of
multilayer formation.
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A simple function representing adsorption equilibrium provides the basis for a clean cut classification of physical adsorp-

tion systems, in terms of surface uniformity and adsorbate interaction.
adsorption on a uniform surface, this function becomes the equilibrium constant.
non-ideality usually appear singly during deposition of the first half of the first monolayer.
from constancy of the equilibrium function is related in kind to the nature of the particular factor responsible.
ideal system, the standard free energy of adsorption is calculated from the equilibrium constant.

In the ideal case involving localized, non-interacting
The effects of factors contributing to
The accompanying departure
For an
Non-interacting adsorp-

tion on two kinds of sites is resolved to yield the fraction of the total surface and the standard free energy of adsorption

associated with each kind of site.

Introduction

Although a fair variety of applicable data is now
available, no method for an unambiguous charac-
terization of adsorption systems has appeared.
This failure has been due to at least three factors.
(1) The shape of any multilayer isotherm yields
very little information regarding the nature of
deviations from ideality in the first monolayer.
(2) Empirical expressions for multilayer isotherms
lack valid quantitative relationship to adsorption
energies. (3) The heat of adsorption is limited
in significance by appreciable experimental error
at low coverage and by complicating factors at
higher levels.

The above difficulties are overcome by applica-
tion of a function which represents adsorption
equilibrium, and is constant under ideal conditions,
to the lower part of the isotherm.

For the adsorption process: free adsorptive
molecules + vacant sites occupied sites; if all
sites are identical and if occupancy of one site
exerts no influence upon those adjacent (no
adsorbate interaction), the equation for the
equilibrium constant is written

(Activity of occupied sitea)

(Activity of vacant sites)(Activity of free adsorptive molecules) -

If it is assumed that the activity coefficients of the
occupied and unoccupied sites are the same, the
equation becomes

£l
1 - 9C
in which dequals the fraction of the surface covered,
and C the activity of the free adsorptive molecules
in units of either concentration or pressure. In
most cases of low coverage, the concentration or
pressure in the mobile phase is sufficiently low to
permit the assumption of an activity coefficient of
unity.

It is interesting to note that the equation for the
equilibrium constant can be rewritten

K =

KC
1+ KC

which is the familiar Langmuirlisotherm in which

the usual Kinetic terms have been replaced by

constants readily determined from equilibrium
data.

The standard free energy of adsorption may be

calculated for an ideal system (or for a system

which behaves as a combination of two ideal
systems) from the equilibrium constant

-AF° = RTInK
This quantity represents the decrease in free

energy of the system in the transfer of one mole of
adsorptive molecules from the standard state in
the mobile phase to the adsorbed layer at 6 = 0.5,
and constitutes a measure of the strength of the
adsorption bond.

Equilibrium constants are obtained only from
systems approaching the ideality embodied in the
assumptions outlined above. However, the equilib-
rium function

8/(1 - e)C

in its departure from constancy often indicates the
nature of the factor responsible for non-
K ideality as follows.

The adsorption bond may be augmented
by lateral interaction between adsorbate molecules
on adjacent sites. Adsorbate interaction is favored
by a weak bond to the adsorbent or by polar
groups in the molecules being adsorbed. It usually
becomes important only after occupation of a
measurable portion of the surface, varying in-
versely with the strength of the interaction. This
effect is indicated by a tendency for the equilibrium
function to increase with adsorption, reflecting an
increased opportunity for adsorption on sites with
nearest neighbors occupied.

Non-ideality due to adsorbate interaction cannot
be resolved in terms of any fixed distribution of

(1) 1. Langmuir, J. Am. Chem. Soc., 40, 1361 (1918).
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different kinds of sites because the character of the
sites changes with adsorption.

It is apparent from the form of the equilibrium
function that when sites of different kinds are
present, the strongest are most completely filled
at any level of over-all coverage. Surface non-
uniformity is therefore recognizable in an immedi-
ate tendency for the value of the equilibrium func-
tion to decrease with adsorption.

The simplest case of surface non-uniformity is
that involving only two Kkinds of sites. The Lang-
muirl isotherm was extended to include systems
of two (or more) kinds of sites but practical
application has been limited by the nature of the
constants used.

Two, more recent, attempts to treat interfaces
with two kinds of sites23 have been based on the
use of two values for the constant C of the B.E.T.
(Brunauer, Emmett, Teller) equation. This ap-
proach is unsound due to lack of a valid relation
between the heat of adsorption and the B.E.T.
constant C. In an application to experimental
data4 the nitrogen-magnesia interface was chosen
to exemplify a “dual” surface. Treatment of the
same data5by the methods outlined herein yields
an equilibrium function essentially constant up to
8 ~ 0.5, showing a high degree of ideality—a more
acceptable characterization for adsorption of non-
polar molecules on the surfaces of cubic crystals.

A more satisfactory method for resolving a sys-
tem with two kinds of sites comprises treatment as
two separate surfaces in equilibrium with the same
mobile phase. Each surface is assigned a charac-
teristic equilibrium constant and the two combined
to give

akKxG |, (1 - a)Kkx
1+ KiC+ 1+ KX
in which
Ki = equilibrium constant for stronger sites

K 2 — equilibrium constant for weaker sites
a = fraction of total surface occupied by stronger sites
C — concn. (or pressure) of adsorptive molecules in the
mobile phase

This has the form of the Langmuirlisotherm for
systems of two kinds of sites; but, as in the ideal
case, the constants are more readily determined
from the isotherm.

Direct solution of this expression for K h K 2and a
is very involved. Solutions by trial and error,
however, may be considerably simplified by the
use of certain approximations. If the data em-
brace a wide range of coverage and Ki and K 2 are
sufficiently different, it may be assumed, for a first
approximation, that only the stronger sites are
occupied at the lower end” of the isotherm. Equat-
ing the equilibrium functions for two points in this
region to K tprovides approximate values for Ki and
a. It may also be assumed that, at high coverage,
only weaker sites are vacant; but, this assumption
is limited in value by complications. In any case,

(2) W. G. McMillan, J. Chem. Phys., 15, 390 (1947).

(3) W. C. Walker and A. C. Zettlemoyer, This Journal, 52, 47
(1948).

(4) A. C. Zettlemoyer and W. O. Walker, ibid., 52, 58 (1948).

(5) A. C. Zettlemoyer and W. C. Walker, Ind. Eng. Chem., 39, 69
(1947).
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the best final values are obtained by trial, fitting
the constants to the experimental data.

Interacting adsorption on a non-uniform surface
usually shows the effects of both factors. Unless
the interaction completely dominates the system,
increasing coverage brings an initial drop in the
equilibrium function followed by a rise as inter-
action becomes appreciable. It will be shown
later that a balance between the two effects may
be mistaken for ideality.

The foregoing relations are illustrated in Fig. 1
and are exemplified in the pages which follow, by
application to adsorption data from the literature.

Fig. 1—Types of adsorption systems: a, ideal; b, uni-
form— interacting; c, non-uniform— non-interacting; d, non-
uniform— interacting.

Detailed consideration of non-ideality due to
multilayer adsorption or capillary condensation is
omitted from this paper. It may be shown by
consideration of the second layer equilibrium func-
tion (from data at 8 = 1.5) that at a coverage below
8 = 0.5, second layer effects are usually negligible
(0.1-0.2%). Capillary condensation has been
treated exhaustively in other papers and is easily
recognizable through hysteresis.

Application to Experimental Isotherms

A. Ideal Systems, (a) Adsorption of Non-
polar Molecules on Single Crystal Faces.—The
adsorption of nitrogen and argon on single crystal
faces of copper and zinc offer the most definitive
examples of ideality.67 The data from these
systems yield satisfactory equilibrium constants
(within the limit of precision of the data) up to a
coverage of 8 ~ 0.4 as shown in Table I.

There is no indication of surface non-uniformity
and the evidence for very slight interaction at the
lower levels may be due to experimental error.
Interaction becomes very important at coverage
above 8 ~ 0.4.

Similar results are obtained from the data
representing other crystal faces, with the 110 face
the strongest adsorber, as shown

Crystal face 100 110 111
AF° (cal./mole) at 78.1°K. 590 640 580

This supports Rhodin’s conclusion that although
the atoms are less closely spaced in the 110 face,
its geometry is the most favorable to the adsorption
of nitrogen.

(6) T. N. Rhodin, 3. Am. Chem. Soc., 72, 5691 (1950).
(7) T. N. Rhodin, This Journal, 57, 143 (1953).
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Tabie |

T he Adsorption of Nitrogen on the 110 Face of Copper
at 78.1°K.

(From a smooth curve through the points representing
sample 1, Fig. 2, ref. 6.)

(Po = vapor pressure of N2at 78.1°K. = 83.2 cm.). For
the process N 2(@at. xapo.)Aatadsorbed), A = 60, and - AF° =
640 cal./mole.

. Fraction Equilibrium  Relative Equilibrium
Nitrogen of surface pressure pressure fynction 0/
adsorbed covered P, P/PQ. X Lﬁ - 0

(10-s g./g.) E) cm. ]& (P/Po)

0.050 0.093 0.14 0.17 60

.100 .185 31 .37 61
.150 .28 .52 .63 62
.200 .37 77 .93 63
.250 46 .95 1.14 75
.300 56 1.10 1.32 96
.350 .65 1.30 1.56 119

Polycrystalline copper8 (within the precision
with which the data can be read from the published
plot of the isotherm) adsorbs nitrogen like a single
crystal face but with a slightly lower standard free
energy change. However, the degree of non-
uniformity due to the presence of different crystal
faces might not be resolved from the available
data.

The isotherms for the adsorption of nitrogen or
argon on the 1011 crystal face of zinc are com-
parable in ideality with those for nitrogen on
copper.

It must not be concluded from the above that
the adsorption of gases (even non-polar gases) on
metal surfaces is always homogeneous. The ad-
sorption of nitrogen on platinum9shows increasing
evidence of non-uniformity with lowering tem-
perature. Whether this is due to surface struc-
ture, contamination, or inherent properties of
platinum is not apparent.

(b) Adsorption of Nitrogen on Graphon.—
Graphon (prepared by heat-graphitization of
Spheron 6, a Cabot Channel Black) adsorbs nitro-
gen with a high degree of ideality as indicated by
the stepped character of the multilayer isotherm.10

Low coverage adsorption datall confirm this
characterization by yielding an equilibrium func-
tion of high constancy up to i ~ 0.7 (see
Table I1).

This standard free energy of adsorption is about
double that observed on copper or zinc surfaces.
The lower lateral interaction, evidenced by the
relatively smaller increase in the value of the
equilibrium function with coverage, may be
directly due to this higher bonding energy. The
fall-off at coverage above 9 = 0.7 suggests the
necessity for some shifting of adsorbate molecules
to permit occupancy of the last portion of the
adsorbent surface.

(c) Adsorption of Heptane on Graphite—
Adsorption isotherms for n-heptane on graphite of

(8) T. N. Rhodin, J. Am. Chem. Soc., 72, 4343 (1950).

(9) F.J. Wilkins, Proc. Roy. Soc. (London), A164, 510 (1938).

(10) M. H. Polley, W. D. Schaeffer and W. R. Smith, T his Journal,
57, 469 (1953).

(11) L. ¢. Joyner and P. H. Emmett, J. Am. Chem. Soc., 70, 2353

(1948). Original Data: Document 2530, American Documentation
Institute, 1719 N »St, N.W., Washington 7, D. C.
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Tabie Il

The Adsorption of Nitrogen on Graphon at 78.4°K.

(From data of Joyner and Emmett, run 5 smoothed by

plotting.)
Standard
Fraction Relative free energy
Nitrogen of surface pressure  Equilibrium change
adsorbed, covered P/fo% X function, -A Ig°,
cc./lg. S.T.P. e cal./mole
2.76 0.15 0.07 2520 1230
4.0 .22 11 2560 1230
6.0 .33 .19 2590 1230
8.0 44 .30 2620 1230
10.0 .55 .45 2720 1240
12.0 .66 72 2700
14.0 77 1.6 2090
16.0 .88 6.0 1220

low ash content (<0.004% ash) have been reported
for both low22 and highi3 coverage. Values of the
equilibrium function at varying coverage are given
in Table I11.

Tabie Il

of Heptane on Low Ash Graphite

at 25°

The Adsorption

(From data of Harkins, Jura and Loeser, refs. 12, 13.)

First layer Second layer

E.F @ E.F
0.32 1090 0.13 1.47
A40* 910 19 153
.50 1050 .23 1.50
.60 1040 .28 1.56
.67 940 41 2.32

K = 1050 K = 1.50

—AF° = 4t40 cal./mole —AF° = 240 cal./mole

“ This discontinuity is attributed by the authors to phase
transition.

Discontinuities in the lower isotherm, ascribed
by the authors to phase transitions (a conclusion
which should be checked on Graphon) occurring
up to a coverage of 6 ~ 0.4, limit the significance of
the characterization of the first layer. However,
a high degree of uniformity with very little inter-
action is indicated.

The high value of —AF° combined with the area
occupied by one molecule (64 sq. A.) indicates that
the molecule lies flat with each -CH2 group con-
tributing additively to the total. This is con-
sistent with reported measurements of heats of
adsorption.4

The point of greatest interest in regard to this
system is the uniformity of the first heptane layer
as an adsorbing surface. The second layer is
treated in the same way as the first except that
the content of the first layer is subtracted from
the total quantity of heptane adsorbed in cal-
culating the values of 6

The more important interaction observed in the
second layer is consistent with the hypothesis that
a strong adsorption bond (such as was observed
for the first layer) tends to weaken interaction.

(12) G. Jura, W. D. Harkins, and E. H. Loeser, J. Chem. Phys., 14,
344 (1946).

(13) W. D. Harkins, G. Jura, and E. H. Loeser, J. Am. Chem. Soc.,
68, 554 (1946).

(14) M. H. Polley, W. D. Schaeffer, and W. R. Smith, ibid., 73, 2161
(1951).



668

For the second layer adsorption of heptane on
graphite, of higher ash content (0.46%), the same
degree of ideality was observed but the value of
—AF° was increased to 400 cal./mole. Ideality
in adsorption cf non-polar molecules therefore may
be more a matter of surface structure than of

chemical purity, although the strength of the
adsorption bond appears to be quite sensitive to
impurities.

B. Non-ideal Systems. 1. A Strongly Inter-

acting Adsorbate on a Homogeneous Surface.—In
the earlier examples, it was shown that nitrogen
is adsorbed almost ideally on uniform surfaces up
to a coverage of 9 ~ 0.4. Above this point,
appreciable interaction is indicated by an increas-
ing equilibrium function. The n-heptane iso-
therm showed much weaker interaction.

It would be expected that more polar compounds
would interact more strongly and at lower coverage.

(@) Ethyl Chloride on Graphon.—Reported
isotherms for the adsorption of ethyl chloride on
GraphonBshow ideality up to 6~ 0.1; and, above
that point, a rapid rise in the equilibrium function,
indicating strong interaction of the adsorbate

molecules. Typical results are shown in Table
V.

Table 1V
The Adsorption of Ethyl Chloride on Graphon.

An Example of Interacting Adsorption on a Uniform
Surface

(From measurements of Mooi, Pierce and Smith.)

Temp. = —78° Temp. = 0° Temp. = 75°
e E.F. e E.F. e E.F.
0.030 31 0.042 1 0.0127 7.2
.058 31 .079 1 .056 7.4
11 32 13 12 .083 7.5
20 41 18 14 11 7.6
33 61 .33 20 .19 9.4
.65 37 .38 12.0
.83 49 64 18.0

(b) Methanol on Graphon.—The isotherm for

the adsorption of methanol on Graphonl® at 0°
shows very much stronger interaction, with no
detected zone of ideality at low coverage, see
Table V.

Table V

T he of Methanol at 0°.
An Example of Strongly Interacting Adsorption on a

Adsorption on Graphon

Uniform Surface

e 0.04
E. F. 0.40

0.09
0.67

0.20
1.25

0.33
2.0

0.61
5.2

0.86
17.7

A more detailed, quantitative study of adsorbate
interaction is in progress and will be reported
later.

H. Non-interacting Adsorption on Non-uniform
Surfaces, (a) Surfaces with Only Two Kinds of
Sites.—Non-interacting adsorption of a polar com-
pound in two different orientations on a non-
porous surface would be expected to involve two

(15) J. Mooi, C. Pierce and H. N. Smith, Presented at National
Colloid Symposium, Ames, lowa, June, 1953, This Journal, 57, 657
(1953).

(16) C Pierce and R. N. Smith, ibid., 54, 354 (1950)
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kinds of sites. Polar molecules tend to interact
strongly but this tendency can be minimized by use
of a polar solvent. In such cases, it must be
recognized that the standard free energy of ad-
sorption obtained is an over-all value, including
all solvent effects involved.

An example is found in the adsorption of butyric
acid from aqueous solution by graphite.7

The data used are those for graphite A (0.035%
ash) as given in Table Il of ref. 17, specifically the
uncorrected values of the molality and the quan-
tity of butyric acid adsorbed (x/m). Applicable
solution activity data are not available but it
may be assumed that the activity coefficient is
relatively constant over the range of significance
(the first four points). The true values of K\ and
K2 would vary inversely with the activity coef-
ficient but its difference from unity is probably
small, and the resolution would not be otherwise
affected. This system was readily resolved to give
the following

Ki = 125 —AFi° = 2850 cal./mole
K. — 25 —AF2° = 540 cal./mole
a = 0.20

The extent to which the model reproduces the
experimental results is shown in Table VI.

Table VI

T he Adsorption of Butyric Acid from Aqueous Solution

An Example of Adsorption on Two
Kinds of Sites

(From data of Fu, Hansen and Bartell)

by Graphite.

O0i = fraction of strong sites occupied; 02 = fraction of weak
sites occupied; xi/rn = millimoles butyric acid/g. carbon on

strong sites; x/m = millimoles butyric acid/g. carbon on
weak sites.
Elql;J - / Calcd Diff
fum mmoles @ = 0.20 A £080 w/m = exp.
molal- Ki = 125 ¥ 2.5 (xx/m +
No. ity g. a xi/rn ® xz/m  xi/m) x/m
1 0.0072 0.078 0.475 0.069 0.0177 0.010 0.079 -0.001
2 .0159 .119 .666 .097 .0380 .022 119 .000
3 .0436 .183 .845 123 .0983 .058 .181 + .002
4 .097 .248 924 .135 195 114 249 .001
5 . 194 321 .960 .140 .327 191 .331 .010
6 .284 .357 973 . 142 415 243 .385 .028
7 496 439 984 . 144 550 322 466 .027
8 .730 507 .990 .145 .645 377 522 - .015
9 1.04 593 .993 .145 714 417 562 + .031
The following observations are believed im-

portant: (1) The excellent agreement with the
“dual” model and the fact that the butyric acid
adsorbed never exceeds the requirement for a com-
plete monolayer indicate very little, if any, multi-
layer adsorption. (2) Interaction appears to be
small, particularly on the stronger sites. Experi-
mental results are duplicated by the model, within
about 1% up to O 0.92 and ® = 0.20. (3)
The fact that K\ represents only one fifth of the
total adsorbing surface suggests a chemical dif-
ference between sites on the solid surface. This
difference may affect only those adsorption proc-
esses offering a possibility for dipole interaction
or hydrogen bonding. Thus Kx (—AF° 2.8
kcal.) may represent a hydrogen bond, and K2
(—AF° 0.5 kcal.) a van der Waals bond.

(17) Y. Fu, R. S. Hansen and F. E. Bartell, ibid., 52, 374 (1948)
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(b) Non-interacting Adsorption on Sites of

More Than Two Energy Levels.—The higher
levels of non-uniformity in non-interacting physi-
cal adsorption usually involve porous adsorbents,
with non-polar adsorbates at low coverage, or
polar adsorbates from solution in polar solvents.
The adsorption of nitrogen on Spheron 6(n) offers
a good example. Attempts to resolve this system
in terms of sites of only two kinds left systematic
differences between calculation and experiment of
4 to 10% at coverages which, for the butyric
acid/water/graphite system, gave differences of
about 1%.

Frequency distributions for the adsorption ener-
gies of systems of this class have been approxi-
mated by methods reported in the literature.1821

Such treatments must be used with care and they
fail when interaction is important.

1.
uniform Surface.—The most complex adsorption
system limited to a single adsorbate involves
strong cooperative adsorbate interaction on a non-
uniform surface. Such cases are frequently found
in the adsorption of a polar compound on a porous
surface. An important feature of this class is
that the effects of the two factors are opposite.
They may balance one another (after the inter-
action becomes important) to the extent that (if
the initial portion of the isotherm is disregarded)
the system appears ideal. An example of such a
pseudo-ideal system is found in the adsorption of
ammonia on charcoal.22 This system has un-
fortunately been cited as an example of ideality
in at least two important references. 245

The variation of the equilibrium function with
coverage as summarized in Table VII illustrates
the attainment of this balance after completion
of about 20% of the first monolayer.

(18) G. Halsey and H. S. Taylor, J. Chem. Phys.,
(1947).

(19) R. Sips, ibid., 16, 490 (1948); 18, 1024 (1950).

(20) J. M. Honig and L. H. Reyerson, This Journal, 56, 140
(1952).

(21) J. M. Honig, ibid., 57, 349 (1953).

(22) A. Titoff, Z. physik. Chem., 74, 641 (1910).

(23) C. B. Richardson, J. Am. Chem. Soc., 39, 1828 (1917).

(24) S. Brunauer, “The Adsorption of Gases and Vapors, Vol. I,
Physical Adsorption,” Princeton University Press, Princeton, N. J.,
1943.

(25) D. H. Everett, Trans. Faraday Soc., 46, 957 (1950).
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Table VII

The Adsorption of Ammonia on Nutshell Charcoal.
An Example of Surface Non-uniformity with Strong
Interaction
(From Richardson’s data)

6 0.07G 0.162 0.288 0.425 0.560 0.695
E. F. 55 36 20 21 22 20

Summary.—Using the ideal localized mono-
layer for reference, the behavior of the equilibrium
function with increasing coverage provides a simple
but effective basis for characterizing adsorption
systems.

Ideal systems give valid equilibrium constants,
which in turn yield the related standard free
energy of adsorption. This value constitutes a
measure of the strength of the adsorption bond and
varies widely with the adsorbate and with the

Strongly Interacting Adsorption on a Non-molecular character, purity, and physical structure

of the adsorbent. Nitrogen and argon are ad-
sorbed on non-porous surfaces with a high degree
of ideality up to d ~ 0.4. Normal heptane is
adsorbed almost ideally on non-porous carbon with
a high —AF° due to interaction of each -CH2
group with the carbon surface.

Adsorbate interaction causes a rise in the equilib-
rium function which usually becomes important
only after measurable coverage has been attained.
This occurs at d~ 0.4 with some non-polar adsorb-
ates but earlier and more strongly if the adsorbate
contains polar groups. Interaction appears to
be impaired by strengthening the bond to the
adsorbent or by using a polar solvent.

Surface non-uniformity is indicated by an im-
mediate fall in the equilibrium function, apparent
at the lowest coverage. The special case of non-
interacting adsorption on two kinds of sites is
resolved to vyield the standard free energy of
adsorption and the fraction of total surface associ-
ated with each kind of site.

Strongly interacting adsorption on a non-uniform
surface usually shows the initial drop in the
equilibrium function associated with surface non-
uniformity, followed by an upward trend due to
interaction. The two effects are occasionally so
balanced that, except at the lowest coverage, con-
stancy of the equilibrium function gives a false
suggestion of ideality.
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An electron microscope study has been made of the process of reduction=of gold chloride to colloidal gold.
found of producing gold of uniform size in the diameter range of 200-1500 A.

A method was
It was found that the particle size distribution

curve of colloidal gold preparations isnot an error curve but is determined by the Kkinetics of the process: the nucleation stage

and the growth stage.

periment.

The classical studies on the formation of colloidal
gold have established that the process consisted of
three stages, nucleation, growth and possible coagu-
lation.1-3 A thorough study of these stages was
difficult since colloidal particles could not be seen
and had to be characterized by indirect methods of
observation. The development of the electron
microscope with its resolution of 15 A., has per-
mitted a direct and detailed examination of colloidal
gold preparations.4 A survey of a number of gold
sol preparations with the electron microscope
showed the colloidal particles varied in size, shape
and size distribution. A thorough study5 in two
gold sol systems (produced by gold chloride-sodium
citrate and by gold chloride-hydroxylamine hydro-
chloride) showed that nucleation and growth
stages do succeed each other, can be separated in
time and therefore studied individually. Such a
study has revealed that in a colloidal gold prepara-
tion, the average particle size, the per cent, devia-
tion of the particle size from the average, and the
very character of the distribution curve were deter-
mined by the kinetics of the two processes. The
distribution curve was found to be not a Gaussian
probability curve but of individuality and character
determined by the nucleation process. The growth
process merely modified the distribution curve by
determining its position on the size coordinate and
its spread in size.

Sodium Citrate Gold Sol.—The production of
colloidal gold by reduction of gold chloride with
sodium citrate was found to be particularly suited
for the study of the nucleation process.

Ninety-five ml. of chloroauric acid solution (con-
taining 5 mg. of Au) was heated to the boiling point
and 5 ml. of 1% sodium citrate solution was added
to the boiling solution with good stirring. After
about a minute a very faint greyish pink or greyish
blue tone appeared and in a period of five minutes
it darkened to deep wine and red color. This
method of production of colloidal gold sol is an
adaptation of the one proposed by Hauser and
Lynn.6

The particles were spherical in shape and had an

(1) R. Zsigmondy and P. A. Thiessen, “ Das Kolloid Gold,” Akadem-
ische Verlag, Leipzig, 1925.

(2) H. Rinde, “The Distribution of Sizes of Colloidal Gold Sols
Prepared According to the Nuclear Method,” Uppsala, 1928.

(3) H. B. Weiser, “Inorganic Colloid Chemistry,” Vol.
Wiley and Sons, Inc., New York, N. Y., 1933,

(4) J. Turkevich and J. Hillier, Anal. Chem., 21, 475 (1949).

(5) J. Turkevich, P. C. Stevenson and J. Hillier, “ Discussion of the
Faraday Society on Size and Shape of Colloidal Particles,” Leamington
Spa, England, July, 1951.

(6) Hauser and Lynn, “Experiments in Colloid Chemistry,” Mc-
Graw-Hill Book Co., New York, N. Y., 1940, p. 18,

1, John

A theory of nucleation is proposed based on the formation of auric ion-organic reducing agent com-
plex which on attaining proper size decomposes to form a gold nucleus.

This theory is shown to be in agreement with ex-

The exponential law of growth of the colloidal gold was also established.

average size of 200 A. with a 12% deviation from
the mean. The particle size distribution curve
was skew in shape with the number of particles
increasing gradually with size reaching a maximum
at 200 A. and then dropping rapidly. It was found
that the time for completion of the reaction in-
creased by a factor of two as the reaction tempera-
ture was lowered ten degrees. The uniformity of
the preparation indicated that the nucleation proc-
ess was virtually complete when the growth of
the nuclei had become significant. The fact that
one obtains a sharper distribution curve at lower
temperatures and a smaller particle size could be
interpreted to mean that the growth process has a
higher temperature coefficient than the nucleation
stage.

Growth Medium.—In order to study the nuclea-
tion process one must not only have an experimen-
tal criterion for the existence of nuclei but also
means for determining their number as a function
of time. The second system studied (hydroxyl-
amine hydrochloride-gold chloride) was well suited
to this purpose.

If equal volumes of gold chloride (0.01% Au)
and 0.0275% hydroxylamine hydrochloride are
mixed in a scrupulously clean apparatus, no pro-
duction of metallic gold takes place for some
hours. If gold nuclei are introduced an instan-
taneous reduction takes place.

The hydroxylamine hydrochloride-gold chloride
solution is a pure growth medium. It can therefore
be used as a criterion of the presence of nuclei.
Any solution which produces colloidal gold in-
stantaneously if added to this growth medium,
must contain nuclei. Furthermore, it was shown
that the particle size obtained by this growth
process was given by the formula

D = A y/{WA + Wc\)/Wau

2
=
@
@
@

D the diameter of the final gold particle

Do = diameter of the nuclei
Wau = wt. of gold present as nuclei
Wa = wt. of gold present as gold chloride

The validity of this formula establishes the fact
that the formation of nuclei is slight during the
growth or development process. It also permits
one to grow a given colloidal solution to any desired
size in the colloidal range. A further observation
was made that the per cent, deviation from the mean
of the developed sol obtained by growth from an-
other size, was the same as that of the original sol
used as the nucleating material. This was taken
to indicate that the law of growth was
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Fig. 1.— Relation between particle size distribution curve
and the nucleation curve.

dD/dt = CD 1)

This method of development was an integral part
of the technique of studying the nucleation process
for, by it, nuclei difficult to observe directly could
be brought into the range of observation of either
the slit-ultramicroscope, the electron microscope
or a nephelometer.

To check further the validity of the growth law,
a sample of the 200 A. citrate gold sol was divided
in half and one half was grown to form particles
of 300 A. The two halves were then mixed to-
gether and the particle size, determined with an
electron microscope, indicated peaks at 200 and
300 A. This specimen was again grown to double
the size. Examination of this developed specimen
showed that the two peaks have shifted at 400 to
600 A., indicating that the ratio of the radii stays
constant during growth. This was taken as further
evidence for the exponential law of growth (1).

Chemical analyses indicated that the growth
reaction involved the reaction of one mole of
hydroxylamine with one of gold chloride suggesting
the following equation for the reaction.

HAuCh + NH2H — Au + 4HC1 + NO

The reaction is first order with respect to auric
ion, hydroxylamine and the hydroxyl ion.

The growth process was also studied in the
sodium citrate-gold chloride system. It was
found both by optical and electron microscopic
methods that the rate of growth is again expo-
nential, that the size of the nucleus is about 50 + 5
A. and that the process is zero order in the reagents.

Nucleation Process.— It is difficult to observe
directly the nucleation stage in the formation of the
gold sols. Preliminary evidence indicated that the
nuclei are very small, of the order of 50 A. or less in
diameter, and that they had but a transitory
existence in the early stages of the reaction. Two
methods were used to determine the nucleation
rate in the gold chloride-citrate system. In one
method, samples were taken at different times from
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a nucleating solution and used to inoculate a
definite amount of gold chloride-hydroxylamine
solution. The size of the particles so developed
was determined either by the slit-ultramicroscope,
nephelometer, or electron microscope. The diam-
eter of the developed particles is inversely propor-
tional to the cube of the number of nuclei origi-
nally present. The details of this process have been
reported elsewhere.6

In the second method, the kinetics of nucleation
was determined from the particle size distribution
curve of the completed preparation of the gold sol.
This method is based on the assumption that the
principal cause of the spread in particle size of a gold
colloid is the spread in time in the nuclei formation.
Particles formed early in the nucleation process
begin to grow immediately so that in the final sol
the particles that first formed and hence had the
longest time to grow, attained the largest size.
Nuclei which formed later attained smaller and
smaller sizes corresponding to shorter and shorter
growing times. The particle size distribution
curve of a sol can be considered as a regularly
distorted mirror image of the nucleation curve.
A typical size distribution curve (upper curve)
and a nucleation curve (lower curve) of a typical
colloid are shown schematically in Fig. 1. The
marked diameter D in the size distribution curve
was chosen to be the diameter finally attained by
those particles which had formed during nucleation
at the time t, marked on the nucleation curve.
The ordinate of the nucleation curve at t represents
the total number of particles present in the unit
volume of the solution at time t and consequently
formed in time interval t On the other hand, this
is equal to the total number of particles with
diameter greater than D, or

N{t) = I n{D) dD (2)
JDtt)

This definite integral is the shaded area under the
distribution curve and is a function of t, the lower
integration limit. The latter is given by the in-
tegrated form of the law of growth (1)

log D (t) = log Do + ct (3)
where

D is the diameter of the particle at time t
Do is the diameter of the nucleus
c is a constant

If one obtains from independent observations the
values of Do and ¢ one can derive from the particle
size distribution curve the rate curve for nucleation.

Several implicit assumptions were made in this
treatment. In the first place all nuclei were as-
sumed to form with the same diameter; secondly
the law of growth was assumed to hold for nuclei
as for the larger particles and finally it is assumed
that the addition of hydroxylamine hydrochloride
in the development process stopped the nucleation
instantaneously.

Kinetics of Nucleation.—An examination of the
nucleation curves obtained under different condi-
tions (Fig. 2) shows that they have four regions:
an induction period region, an autoaccelerating
portion, a“ linear portion” and finally a decay por-
tion.
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Time, min.

Fig. 2a.— Nucleation curves at various over-all concen-
trations of the gold chloride-sodium citrate system: upper
curve, double standard concentration; middle curve, stand-
ard concentration; bottom curve, half standard concentra-
tion.

The induction period can best be studied by
nephelometric examination of the developed sam-
ples. Its duration decreases with increase in tem-
perature, the approximate induction time being 26
minutes at 15°, 5 minutes at 30°, 3 minutes at 39°
and 2 minutes at 49°, giving an approximate activa-
tion energy of 10 kcal./mole. The process re-
sponsible for the induction period seems to be chemi-
cal in nature ar.d may be interpreted as a removal
of an inhibitor for the nucleation process. How-
ever, a study of the chemistry of the reduction of
gold chloride with sodium citrate indicates that the
cause of the induction is to be found in the oxida-
tion of the citrate ion to acetonedicarboxylate ion.
For when the latter is prepared by dehydrating
citric acid with sulfuric acid, purified by crystalliza-
tion and then used for the preparation of a gold sol,
the induction period is less than one minute. This
is taken to indicate that the induction period was
associated with the production of a sufficient num-
ber of acetonedicarboxylate ions for the nucleating
process.

The autoaccelerating portion of the curve can be
interpreted to show that in this portion the rate
of production of acetonedicarboxylate is faster
than its utilization in the nucleation process.

The “linear portion” of the nucleation curve in
the gold chloride-citrate system can best be under-
stood in terms o: the behavior of the gold chloride-
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Fig. 2b.— Nucleation curves at various ratios of sodium
citrate to gold chloride: upper curve, one-half the citrate
concentration; middle curve, one-fifth citrate concentration;
bottom curve, one-tenth of citrate concentration.

acetonedecarboxylate system. The gold sol
formed by the latter reagents has a particle size
distribution curve different from that obtained with
the citrate as a reducing agent. This can be used
to construct a nucleation curve (Fig. 3) whose
appearance is very similar to the latter portions of
the nucleation curve of the gold chloride-citrate
system. Furthermore if one replots the nucleation
curve as log (N« — Nt) vs. time where N is the
total number of nuclei formed at infinite time and
Nt is the number of nuclei formed at time t, one
gets a straight line, indicating that the nuclei
are formed by a unimolecular decomposition of a
precursor. To isolate the percursor of these nuclei
the gold chloride-citrate system at its pale-grey
stage was passed through the anion-exchange resin
Amberlite 1R-4. The emergent solution had not
changed in color but had lost its power to liberate
iodine from iodide solutions, indicating that the
auric ion had been removed. It did, however,
produce a colloid when introduced into the growth
medium. Electron microscopic examination of the

precursor solution showed that it contained 200 A.
diffuse particles of irregular shape. These seemed
to break up under bombardment of the electron
beam in the microscope to form smaller denser
particles suggesting the break-up of an organic-
metallic polymer.

The slope of the last portion of the nucleation
curve decreases rapidly with time suggesting that
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one of the reagents is exhausted. Chemical anal-
ysis on the other hand shows that at the end of the
nucléation less than 5% of both the citrate and the
gold have been used up. The explanation of
cessation of nucléation at this point is just as im-
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portant as its origin. Again it may be found in the
acetonedicarboxylate ion. To form a nucleus
many acetonedicarboxylate ions must condense
with many auric ions to produce a polymer of such a
size that when the polymer decomposes it will pro-
duce a stable gold particle. Since the nucleus is
about 40 A. in diameter, about 1000 gold chloride
molecules and a similar number of acetonedicar-
boxylate ions are involved in the nucleus formation.
On the other hand, the growth process undoubtedly
involves a small number of the same reagents ad-
sorbed on the surface of the existing nuclei. Thus
the deceleration of the nucleation process and its
final disappearance is not due to the exhaustion of
the original reagents but to the competitive effect
of the growth process.

Mechanism of Nucleation in Gold Sols.—On the
basis of the above experiments, we wish to advance
the following “ organizer” mechanism for the forma-
tion of a nucleus. The fundamental difficulty in
building up a nucleus is the accumulation of a
sufficiently large local concentration of atoms to
produce a particle whose size is greater than just
demanded by the stability of the particle. Its size
must be sufficiently great also to permit growth.
The fluctuation theory describes the production of
such large local concentrations as being a rare but
significant event and due to the statistical nature of
physical events. The same result may be attained
by postulating that the nucleating agents gradually
build up a chemical complex between themselves
and gold ions, organizing the latter into a macro-
molecule (precursor of the nucleus). When the
size of the macromolecular inorganic-organic poly-
mer is sufficiently great, it will undergo a molecular
rearrangement to produce the metal nucleus and
oxidation products of the organizer.
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Hydrogen and oxygen, dissolved in a stirred solution of dilute sulfuric acid; combine to form water on the surface of a

submerged platinum catalyst.
tric potential applied to the catalyst.

The rate of this reaction was studied as a function of the stirring rate, temperature and elec-
Cathodic polarization of the catalyst was ineffective in changing the reaction rate.

Anodic polarization, using a platinized platinum anode and a smooth platinum wire cathode, caused a periodic change in the

reaction rate as a function of time.

being observed at the lowest frequency used (0.01 c.p.s.) and at a current of approximately 1 milliampere.
havior was observed for platinum and palladium; but not for rhodium and iridium.

The rate was increased by a.c. polarization at frequencies < 10 c.p.s.; the highest rate

Periodic be-
A mechanism, consistent with the ex-

perimental data, was postulated in which the periodic change in the rate on anodic polarization was ascribed to periodic

buildup and decomposition of oxide on the catalyst surface.

Introduction

Paal and Hartmann3 found that hydrogen and
oxygen, dissolved in aqueous solution would com-
bine on the surface of colloidal platinum or palla-
dium. Hofmann and co-workers4sshowed that all
the platinum group metals were effective catalysts
for the reaction. The greatest portion of the work
was carried cut on the metals; platinum, palla-
dium and iridium, and the results were interpreted in
terms of an electrochemical mechanism.

It was felt that the catalytic aspects of this reac-
tion should be studied further, particularly under
conditions wherein either an anodic, cathodic, or
alternating potential was impressed on the catalyst.
It was also desirable to study it over long periods of
time, both under polarizing conditions and without
polarization. The catalyst used for most of the ex-
periments was platinized platinum whose surface
area (at the beginning of the experiments) was
known from gas adsorption measurements. Plati-
num was also used in the form of smooth wire, as
were palladium, rhodium and iridium.

Experimental

A catalytic reaction system was designed and built which
has several advantages over more conventional systems.
This system has been described in detail elsewhere6 but a
brief discussion of its characteristics is desirable here.
Hydrogen and oxygen, generated in one portion of the sys-
tem by electrolysis, were recombined on a submerged cat-
alyst in another portion of the system at a rate equal to the
rate of their generation. The rates were equalized by keep-
ing the pressure of the system constant, using a metal bellows
with an electronic current regulator. The electrolysis cur-
rent, which is directly porportional to the rate of the reac-
tion, was recorded automatically. This system makes pos-
sible the study of very slow reaction rates over long periods
of time using completely automatic methods.

The solution about the catalyst (always 0.01 N 112504
was stirred vigorously by a magnetic device. This also as-
sured saturation of the solution with hydrogen and oxygen.
The system was sensitive to pressure changes of 0.3 mm. H2
so it was necessary to use an air-bath whose temperature

(1) Resulting from research done under Bureau of Ordnance Re-
search and Development Contract NOrd-10639.

(2) Department of Chemistry, University of Tennessee, Knoxuville,
Tenn. This paper is based on a dissertation presented in partial ful-
fillment of the degree of Doctor of Philosophy.

(3) C. Paal and W. Hartmann, J. prakt. Chem., 80, 337 (1909); 93,
106 (1916).

(4) K. A. Hofmann, et al., Ber., 49, 2369 (1916); 53B, 298 (1920);
55B, 573, 1265 (1922); 56B, 1165 (1923); 678, 1969 (1924).

e(5) K. W. Hannai, M. J. Joncich, and N, Hackerman, Rev. Sci. In-
struments, in press.

was kept constant to +0.01°. The total pressure of the
system in all cases was 740 mm. Hg and consisted of the
partial pressures of the stoichiometric mixture of hydrogen
and oxygen plus the saturation water vapor pressure.

Preparation of Catalysts.— The platinized platinum cat-
alysts were prepared by electrodeposition from a solution
containing 2.42% H2PtClc and 0.001% Pb(OAc)2. Solu-
tions of H2PtClI6 purified by prolonged electrolysis yielded
deposits which were light in color and non-adherent. Addi-
tion of trace amounts of lead produced deposits which were
black and adherent. These observations are in agreement
with those of MacNevin and Levitsky.6

The cathode during electrodoposition was a 5-cm. length
of platinum wire (0.091 cm. diam.) having a total apparent
area of 1.44 cm.2. The anode was a cylinder of platinum
gauze 5 cm. in diameter and 5 cm. in length. This ar-
rangement, rather than 2 parallel plates, was used to mini-
mize edge effects. The electrodeposits were prepared at
20.9 amp./dm.2(apparent) for 12(>T30 minutes.

The surface areas of the platinized electrode catalysts were
measured with krypton at —195.8°. This was needed to
determine the reproducibility of the method of preparation
and to allow calculation of true current density in the polar-
ization experiments. After plating 30 minutes specific sur-
face values of 0.89 and 1.47 m.2/g. were obtained in two
runs, while after plating 120 minutes values of 0.39 and
0.68 m.2g. were obtained. During these experiments,
extreme precautions were taken to keep the conditions con-
stant. Although the reproducibility was not good, it can be
seen that the shorter the plating time, the higher the spe-
cific surface of the deposit.

Stirring Rate and Temperature Effects.— The catalyst
used was a platinized platinum electrode whose total area as
determined by krypton adsorption was 322 cm.2. The total
weight of platinum black was 0.0363 g. A piece of bright
platinum wire was placed parallel and 0.5 cm. away from
the platinized piece. The two electrodes were introduced
into the catalytic reaction system through a ground-glass
joint and the system brought to pressure and temperature
equilibrium. The electrolysis cell current was recorded by
an Esterline-Angus Recorder as a function of time while
the stirring rate and temperature were varied independently.
Precise measurements of the rate could be obtained by
cutting the recording paper along the ink line and weighing
it. Each gram of paper corresponded to 8.14 + 0.08 cou-
lombs.

The catalytic activity was determined at stirring rates of
0, 100, 200, 300, 400, 500 and 600 r.p.m. An optimum ob-
tained at 400 r.p.m. and further increase of the stirring rate
produced no measurable increase in the speed of the reaction.
A synchronous motor rotating at 520 r.p.m. was used for the
remainder of the experiments.

The reaction was allowed to proceed for 10 to 48 hours at
29.45, 34.37, 39.65 and 48.20°, respectively. The rate re-
mained constant to within 5% in each case. Corrections
were made for changes in gas solubility and in water vapor
pressure, and the energy of activation calculated to be 11,000
cal./mole.

(6) W. M. MacNevin and M. Levitsky, Anal. Chem., 24, 973 (1952).
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Fig. 1.—Length of
intensity of anodic polarization:
0.5 ma.

induction period as a function of
upper, 1.0 ma.; lower,

Anodic Polarization Effect.— Polarization was brought
about by passing current between the platinized electrode
(anode) and the bright platinum electrode (cathode).
The shiny electrode is considered to be catalyt.ically inert
since its area is negligible in comparison with the platinized
electrode. The polarizing current came from a series ar-
rangement of four 45-volt batteries. Variable resistors in
series with the batteries provided for current adjustment as
measured by a milliameter. This arrangement provided a
constant current source since a large voltage supply and a
large resistance was used.

A series of determinations on the effect of anodic polariza-
tion were carried out. Anodic polarization of 0.5 ma. was
applied initially. After 30 minutes the polarizing current
mes increased to 1.0 ma. and maintained constant until it
was cut off after 6 hours. After a total polarization time of
2 hours, a sudden increase in the electrolysis cell current was
observed. The activity then decreased and a periodic
change in activity occurred until the polarization was dis-
continued. Although the electrolysis current changed peri-
odically between 3 and 1 ma., the polarization current was
not changed. After the fifth period of increased activity,
the anodic polarization was discontinued. The activity of
the catalyst rose immediately to a value almost as high as the
previous maximum points of activity, and then gradually
decayed to its original prepolarization value.

The effect produced by a short-lived and vigorous anodic
polarization, 15 minutes at 5 ma., of the catalyst was deter-
mined. Hydrogen and oxygen were liberated at the elec-
trodes. Polarization was then discontinued and the cat-
alyst activity measured for the next 20 hours. The activity
rapidly went through a maximum at 4.2 ma., then grad-
ually decayed to 1.5 ma.

A second low polarization was carried out but now the 0.5
ma. stage was eliminated and 1.0 ma. was applied initially.
Immediately upon polarization the activity decreased rapidly
to zero. Stopping the polarization at this point caused the
activity to increase rapidly. Upon further polarization, the
time required fer the activity to decrease to zero increased,
until after three such cycles of alternate polarization and
non-polarization, the reaction proceeded without interrup-
tion of the polarization. The typical periodic change in
activity was then observed. These and other experiments
indicate that the catalyst must become gradually conditioned
to a polarization treatment if the polarizing current is of the
order of 1.0 ma. or larger.

Although the electrolysis cell current decreased to zero for
high initial polarization, this does not necessarily mean that
the catalytic activity was zero in these instances, since cur-
rent through the electrodes in the reaction ceil may be used
for production of hydrogen and oxygen. If this is true, the
curves should be displaced upward on polarization by the
amount of the polarizing current.7

A period of induction, dependent upon the magnitude of
the polarizing current, was always observed before onset of

Fig. 2.— Upper curve, length of activation periods as a
function of cycle number; lower curve, time between activa-
tion periods as a function of cycle number.

periodicity. This effect, as well as the periodic phenomenon,
isillustrated in Fig. 1; the upper curve shows the results ob-
tained with 1.0 ma. polarization and the lower with 0.5
ma. The induction periods were 2 hours and 3.5 hours, re-
spectively. In this case a polarizing current of 1.0 ma. did
not decrease the electrolysis cell current to zero as before, in-
dicating that an electrode which had been polarized pre-
viously retained some effect of this polarization treatment.

Another pointillustrated by Fig. 1 is that the periods of in-
creased activity become longer as the polarizing current is de-
creased. In the upper curve the last period of activation was
of 2 hours duration, while in the lower curve it was 4.6 hours
for the first period of activation. From these and other
data, the inverse proportionality of the length of the periods
and the magnitude of the polarizing current was firmly es-
tablished. In Fig. 1 the catalytic activity is given in terms
of the electrolysis cell current required to keep the pressure
constant. A current value of 1 ma., for example, corre-
sponds to a recombination rate of 1.74 X 10“4cc./sec. of the
stoichiometric mixture of hydrogen and oxygen at standard
conditions.

Whenever periodic behavior was manifest, the periods of
increased activity, for a given polarizing current, increased
in length with time. Further, upon prolonged polarization
the curves became erratic in that fluctuations within a period
of activation were observed, i.e., a secondary periodicity.

Figure 2 shows the change in periods of activation as the
reaction proceeds. Each complete period is designated as a
cycle, which is resolved into two parts (a) the portion cor-
responding to the time of increased activity (Fig. 2, upper)
and (b) the time between the periods of increased activity
(Fig. 2, lower). The anodic polarization in this case was
2.0 ma.; but similar curves were obtained using higher and
lower polarization values. Upon increasing the polariza-
tion, both curves are displaced downward, the slopes tending
to smaller values. On decreasing polarization both curves
are displaced upward, with an evident increase in the slope
of both lines. The effect on these factors of increasing the
temperature from 38.0 to 43.1° was determined qualita-
tively only since they vary with time and cycle number.
The data indicate that the time between activation periods
is independent of temperature and that the time of activa-
tion is reduced as the temperature is increased.

The potential between the platinized electrode and the
inert platinum electrode was recorded in some of these ex-
periments. Although a constant current source was used to
provide the polarizing current, there was a periodic change
in potential between the two electrodes, which, on the time
scale, corresponded exactly to the observed periodic changes
in the catalyst activity.

Cathodic Polarization Effect.— The effect of cathodic po-
larization of the platinized electrode was less significant than
that of anodic polarization, and in many cases was barely
perceptible. With cathodic polarization of 1.0 to 3.0 ma.
the catalytic activity usually decreased slightly and became
irregular. No regular periodicity such as observed with

(@) Further, it should be pointed out that the curves originally ob- anodic polarization was detected in this current range. If

.tained on the recorder were continuous and that points shown on the
curve serve merely as an aid in transcription of the original curve.

the catalyst was anodically polarized shortly before applica-
tion of the cathodic polarization, a slight activation lasting
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several minutes was observed. The activity then rapidly
decayed to its original unpolarized value.

At 0.3 ma. cathodic polarization, a periodic fluctuation of
the voltage between 0.43 and 0.08 v. was observed. The
electrolysis cell current did not undergo these fluctuations,
but increased by 0.2 ma. from the constant, unpolarized
value, and remained constant at this value during the entire
course of the cathodic polarization. Upon discontinuing
the cathodic polarization, the electrolysis cell current de-
creased to its original value. Although many different
cathodic polarization currents were used, this is the only
case in which any periodicity was detected.

A.C. Polarization Effect.— A Hewlett-Packard, low
frequency, rectangular wave generator was used as the cur-
rent source. The effect of a.c. polarization of the platinized
and inert electrodes at frequencies ranging from 100 to 0.01
c.p.s. and currents of 0.50 to 5.0 ma. was studied. Start-
ing with a catalyst whose initial unpolarized activity cor-
responded to an electrolysis current of 0.9 ma., it was found
that a.c. polarization in the above range caused either an in-
crease in activity or had no effect, depending upon the fre-
quency and current values. The greatest effect was ob-
served at a current of 1.0 ma. and a frequency of 0.01 c.p.s.
In this case the electrolysis cell current was increased from
0.9 to 2.0 ma., corresponding to more than a 100% increase
in catalytic activity. At either lower or higher current
values, the activity decreased. Increasing the frequency
from this value also caused a decrease in the activity. Itis
possible that lower frequency values would be even more ef-
fective; but 0.01 c.p.s. was the lower limit of the instru-
ment used.

Potential-Current Relationships.— The potential between
the inert platinum electrode and the catalyst was determined
as a function of the current passing through these two
electrodes. The conditions were maintained the same as
during the catalyzed reaction rate determinations. The
electrolysis cell current was discontinued during the short
time required to carry out each experiment. These measure-
ments were repeated many times and in each case a hystere-
sis effect was observed. Although the curves were not com-
pletely reproducible, the deviations were small and consisted
principally in differences in the size of the hysteresis loops.
This was dependent upon the time spent on each current
value. Figure 3 shows this effect on anodic treatment.
The time spent on each point was 4 minutes. The curves
were obtained by starting at the lowest current value, in-
creasing the current stepwise to 8.0 ma. and then decreasing
the current in the same manner to its lowest value again.
Cathodic treatment also gave hysteresis effects.

Smooth Catalysts.— A series of experiments was carried
out in which both electrodes in the reaction system were
smooth platinum wires, all other conditions being the same
as before. Without polarization, the activity was roughly
a third of that previously observed for the platinized elec-
trode. At a polarizing current of 0.10 ma., periodicity was
observed in the potential between the two electrodes. The
periods were much shorter than those observed previously,
the average being 1.0 minute. The potential values fluc-
tuated between 0.5 and 0.8 v. Although there was a tend-
ency toward periodicity in the electrolysis cell current, it
was not clear-cut. This was undoubtedly because of the
slow response time of the current control system in compari-
son to the high frequency of the periodicity. The highest
electrolysis cell current value obtained was 1.1 ma.

Experiments were also carried out using smooth wires of
rhodium, iridium and palladium. Periodicity similar to
that with platinum” was observed with palladium. There
was no periodicity either in the electrolysis cell current or in
the potential value with rhodium and iridium.

Discussion

The non-dependence of reaction rate on stirring
rate in the range used and the calculated energy of
activation indicates that the oxidation was not dif-
fusion controlled.

The most interesting results were the marked in-
creases in catalytic activity obtained on electrolytic
polarization. The unexpected change in reaction
rate on anodic polarization is real and not a
phenomenon peculiar to the apparatus. Depolar-

M. J. Joncich and N orman Hackerman
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Fig. 3.— Polarizing current as a function of polarizing
voltage.

ization by oxygen at the cathode and by hydrogen
at the anode was considered, and it was concluded
from calculations similar to those made by Hickling
and Salt8and from these experimental results that
this factor was of importance only at the lowest cur-
rent density values. The inability of an electro-
chemical mechanism to explain the results led to
postulation of a catalytic mechanism.

Periodic change in reaction rates are not rare9
and in systems containing metals-it is usually as-
sociated with a metastable form of the surface.
The evidence obtained on anodic polarization of the
catalyst indicates that periodicity is caused by
build-up and breakdown of a surface film. The
nature of this film is implied from the work carried
out on the polarization of platinum electrodes. El
Wakkad and Emara® state that a platinum elec-
trode brought from the potential of hydrogen evolu-
tion to that of oxygen evolution first forms PtO on
its surface, then Pt02 and finally evolves oxygen.
The Pt02is unstable, decomposing to PtO.

With this as a basis, it is assumed that a critical
mixture of PtO and Pt02obtains which is more ac-
tive as a catalyst for this reaction than either of the
two oxides alone. The work of Selwood and his

(8) A. Hickling and P. W. Salt, Trans. Faraday Soc., 3?, 319 (1941).

(9) E. S. Hedges and J. E. Myers, “ The Problem of Physico-Chemi-
cal Periodicity,” E. Arnold and Co., London, 1926.

(10) S. E. S. El Wakkad and S. H. Emara, J. Chem. Soc,, 461 (1952)
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co-workers1l 2 shows that the activity of a sup-
ported oxide catalyst may be critically dependent
upon the percentage of metal. It is postulated that
when the catalyst is anodically polarized, its ac-
tivity is not altered appreciably until a critical
composition of PtO and Pt02is obtained on the
surface. When this stage is reached, the activity
increases suddenly. Continued anodic polarization
causes the oxides to pass this optimum composition,
i.e., to one of greater Pt0O2content. The rate then
decreases proportionally to the rate of formation of
additional Pt02 and therefore to the magnitude of
the polarizing current. The sharp decrease in ac-
tivity, terminating the activated period, then cor-
responds to the decomposition of the Pt02 The
time between activation periods corresponds to that
required to reach the optimum composition again,
and the whole cycle is then repeated periodically.

These ideas are consistent with the experimental
data. With increased anodic polarization the
duration of the periods of activation decreased, in-
dicating that the surface passed through the opti-
mum catalytic condition at rates which were di-
rectly proportional to the magnitude of the polariz-
ing current. The time between periods of activa-
tion was much shorter than the induction period,
suggesting that some oxide was always present
during those intervals. The induction period
should be the time required for the platinum surface
to become oxidized to the critical composition of
PtO and Pt02and should be inversely proportional
to the magnitude of the polarizing current, as was
observed.

The increase in length of activation periods as a
function of time may be explained by roughening of
the catalyst surface as reaction proceeded. Since
the polarizing current remained constant, a longer
time was required to complete the cycle. Roughen-
ing of the surface has been observed for the gaseous
reaction of hydrogen and oxygen on platinum3
and on copper.i4 This idea is substantiated by the
fact that low surface area platinum wires exhibited
periodic behavior with much shorter activation
periods than those observed for the platinized elec-
trodes.

The cause of the secondary periodicity on pro-
longed anodic polarization is not obvious. Prob-
ably some of the oxide film sloughed off because of
the vigorous stirring and the secondary periodicity
arose while this part of the surface was “repaired”
and brought to the same condition as the rest.
The longer the polarization, the greater the sur-
face roughening and the greater the number of
sites which needed repairing.

The result obtained upon drastic, short-lived
anodic polarization is consistent with these postu-
lates. It would be expected that such treatment
would produce a surface with more than the opti-
mum amount of Pt02 Upon discontinuation of
the polarization, decomposition of the Pt02 took
place, the oxide composition passing through the

(11) P. W. Selwood, “Advances in Catalysis,” Vol. 3, Academic
Press, Inc., New York, N. Y., 1951, p. 27-106.

(12) J. Mooi and P. W, Selwood, J. Am. Chem. Soc., 74, 1750
(1952).

(13) 1. Langmuir, ibid., 40, 1361 (1918).

(14) H, Leidheiser and A. T. Gwathmey, ibid., 70, 1200 (1948)«

optimum state during this process. The maximum
in activity observed in the initial part of the ex-
periment followed by a decrease in activity sub-
stantiates this hypothesis.

The effect of temperature change on periodicity
indicates (a) that the time required to reach the
optimum condition of the catalyst is dependent only
on the magnitude of the polarizing current, and (b)
that Pt02 decomposition is accelerated by tem-
perature increase, making the activated periods of
shorter duration.

The fact that true periodic behavior was observed
in the case of platinum and palladium, but not for
rhodium and iridium may be related to some of
Hofmann’s work.4 He found that pretreatment of
iridium with hydrogen or oxygen did not change its
catalytic activity, while platinum and palladium
when treated with oxygen showed increased ac-
tivity. The latter exhibit periodicity, which in
this investigation has been attributed to an oxide
film on the surface. Thus it is suggested that irid-
ium and rhodium oxides are not better catalysts
than their metals for this reaction.

There does not seem to be any change in the cat-
alytic activity that can be attributed to cathodic
polarization. However, upon cathodic polarization
of the platinized electrode, the inert electrode is
made anodic and slight fluctuations in activity and
slight increase in total activity may be caused by
this.

The potential vs. current hysteresis (Fig. 3) is not
unique to this research. Bockris and AzzamZb5re-
cently reported a very similar curve. The Tafel
equation relating overpotential and current is dif-
ferent for an oxide-covered platinum electrode and
for a “clean” platinum electrode.®6 Thus, the
curve obtained on increasing the current represents
the variation of potential and current for a plati-
num surface initially free of oxide, while the de-
scending curve shows these factors for an oxide
coated platinum electrode. On increasing the
current again, the results coincided with those pre-
viously obtained on going down the curve. The
positions of the loops correspond approximately to
the current values at which periodicity was ob-
served.

Since on a.c. polarization, a frequency of 10 c.p.s.
or greater did not affect the activity, it is concluded
that activation takes longer than 0.1 second.
The significance of the maximum activity ob-
served at approximately 1.0 ma. a.c. polarization is
not yet apparent.

There is an increasing tendency, in the current
literature, to attribute the cause of many of the
phenomena occurring in electrochemical systems to
impurities. In this work the solutions were pre-
electrolyzed between auxiliary electrodes at least
24 hours, as a precaution against impurities. The
introduction of a fresh catalyst into a system con-
taining solutions pre-electrolyzed for several weeks
gave the same results as had been observed pre-
viously. Thus, either impurities were not present
or, if present, they were without appreciable effect.

One other possibility was explored, namely, that

(15) J. O’'M. Bockris and A. H. Azzam, Trans. Faraday Soc., 48,

145 (1952).
(16) F. Todt, Z. Mektrochem., 64, 485 (1950).
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chemisorbed oxygen, rather than a stoichiometric
oxide, was the cause of the phenomena described,
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However, to date this approach has not lent itself
to formulation of a satisfactory explanation.

DIALYSIS' OF THE GEL

MIXTURE AND OF THE GELS

By Charles B. Hurd, Marvin D. Smith, Frank Witzel and Arthur C. Glamm, Jr.
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Dialysis of hydrosols, made by mixing solutions of sodium silicate and acetic acid, shows that simpler silicic acids predomi-

nate at first.
membranes.

sults in gel formation.
to have been demonstrated.

Introduction

Dialysis has been used to purify hydrosols of
silicic acid or hydrous silica since the pioneer work
of Graham.1 Where hydrosols have been made by
mixing solutions of sodium silicate and acid,
dialysis has removed excess acid and sodium salts.
Rate of dialysis and amount of silica in the dialyzate
were studied by Zsigmondy23and by others.

It has been concluded that sizable amounts of
silica can dialyze from freshly prepared sols, but
that this decreases with age of the hydrosol and
that no silica can dialyze out as the sol approaches
the setting time. This has been explained by
particle size.

Remembering that precipitates of hydrous silica
and si'icic acid gel are soluble in sodium hydroxide
and that, furthermore, most chemical reactions
are reversible, Hurd and Merz4 have studied the
dialyzate with particular attention to low concen-
trations of silica. They found that the concentra-
tion of silica in the dialyzate, resulting from dialysis,
for afixed time, of samples drawn successively from
a given hydrosol, decreased with age of the hydrosol.
It never became zero but approached a constant
value as hydrosols neared the setting point. The
same was true if the sol set to a gel and the gel was
broken up and placed in the dialysis sack.

In their work, they used sols of sufficiently short
setting time so that the time used for dialysis per-
mitted actual changes in the sol. We report
here experiments with sols of such long setting time
that changes in the sol samples during dialysis can
be neglected. We also report dialysis experiments
here involving such long periods that an equilib-
rium must be established inside and outside the
dialysis sack.

Experimental

Hydrosols were prepared by pouring sodium silicate solu-
tions into acid solutions and mixing thoroughly by pouring
back and forth.

Silicate solutions were prepared by dilution of E brand
silicate (Philadelphia Quartz Company), analyzed by titra-
tion with standard H2504 and methyl orange. The Si02

(1) 7. Graham, Ann. Physik, 190, 187 (1861); Ann. Chem. Pharm.,
121, 1 (1862).

(2) R. Zsigmondy, Kolloid-Z., 8, 55 (1911).

(3) R. Zsigmondy and R. Heyer, Z. anorg. Chem., 68, 169 (1910).

(4) C. R. Hurd and P. L. Merz, 3. Am. Chem. Soc., 68, 61 (1946).

As the sol ages, more complex materials form.
Withdrawal of simpler silicic acids by dialysis apparently disturbs the equilibrium, resulting in the formation
of more of the simpler molecules by hydrolysis of the complex polysilicic acid.

The simpler molecules are able to diffuse through collodion

This is the reverse of the reaction which re-

Even in a gel or an old hydrosol, the existence of simpler molecules in a type of equilibrium appears
A discussion of the theory of condensation of silicic acids and of the reverse process is given.

content was obtained from the NaOH equivalent and Na2 :
Si02 ratio, also gravimetrically and colorimetrically. The
solutions used were approximately equivalent to 1.0 N
NaOH.

Silica in the dialyzate was determined gravimetrically
and, especially for low concentrations, colorimetrically.
Essentially, Winkler’'ssmethod was used, forming the yellow
silicomolybdate color, with K2Cr04 solutions as standards.
We found it reliable. In the early part of the work
(Smith), only gravimetric methods were used, but in the later
parts (Witzel and Glamm) both methods were used.

Dialysis sacks were made of collodion. Six-inch test-
tubes were filled with U.S.P. Collodion, Code No. 1611,
General Chemical Company, drained and allowed to dry for
15 minutes. The tube was filled with distilled water for 10
minutes, the sacks removed and kept under distilled water.
Only for Table 1V was the drying time for the sacks varied.

The silicate and acid solutions were measured out, enough
for all of the samples to be withdrawn. They were thermo-
stated to give correct temperature. The time of mixing
was taken, called 0 time for age of the sol. Sols were kept
covered in the thermostat. Long setting mixtures, 100
hours or more, were used.

Measurements of pH were by the quinhydrone method as
previously described.6

Samples of 10 ml. were withdrawn at definite time inter-
vals after mixing, placed in collodion sacks just removed
from distilled water. The sacks were tied and suspended in
an 8-inch test-tube for 10 minutes in 50 ml. of the dialyzing
solution. This had the same concentration of sodium ace-
tate and acetic acid as the sol inside the sack. The oply
difference lay in the silica or silicic acid.

Results

It was necessary to know whether use of a collodion sack
rendered it less permeable, in other words, did the pores be-
come clogged as dialysis proceeded. Tests showed no tend-
ency for clogging, as follows, with one example.

Three samples of 10 ml. each, of a mixture with setting
time 168 hours, were placed in identical collodion sacks at
21 hours. The sacks were hung in stoppered containers
with 50 ml. of dialyzing solution. At 50 hours, 5 ml. of
the first sample was withdrawn, placed in a fresh sack, in
50 ml. of fresh dialyzing solution. The original sack still
containing 5 ml. and already used 29 hours, was placed in
50 ml. of fresh dialyzing solution. Both were run 43 hours
more. The dialyzate for each was analyzed. This is
sample 1 in Table I. Sample 2 ran for 308 hours, was di-
vided and the two parts were dialyzed 76 hours more before
analysis. Sample 3 ran 838 hours, was divided and ran 68
hours more before the two parts were analyzed.

These are typical data. They show that the pores of the
collodion sacks do not become clogged during dialysis of the
silicic acid sol.

Solutions kept in glass containers dissolve very small
amounts of silica or silicates. Since we have used very

(5) L. W. Winkler, Z. anorg. Chem., 27, 511 (1914).
(6) C. B. Hurd and R. L. Griffeth, This Journa1, 39, 1155 (1935).
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Table |
T ests Showing that Collodion Sacks Do Not Clog
Amount SiOa Amount Si02

through through

Sample original sack new sack

1 0.0050 0.0052

2 .0029 .0028

3 .0029 .0025

sensitive methods, this appeared important. Table 11

shows the result of leaving the sodium acetate-acetic acid
solution in contact with glassware for various lengths of
time.

Table 11

Silica Present in Solutions Which Have Not Been in
Contact with Gel Mixtures

Time of Si0, in
exposure p.p-m.
10 min. 154
1 hr. 154
70 hr. 152
170 hr. 157

This shows an average of 155 p.p.m. Si02in the solutions
which have been in contact with glassware. It may have
been in the sodium acetate, acetic acid or water. Since it
was essentially constant, as shown by Table I1, it was sub-
tracted from all results for Si02, giving figures which follow
in this paper.

Numerous runs were made to study dialysis of the silicic
acid hydrosols, in terms of the age of the sol. A typical
run gave the graph of Pig. 1. The mixture set in 288 hours.
Temperature was 20°. Samples of 10 ml. were withdrawn
from the mixture at definite time intervals since the sol was
produced. Time of dialysis through collodion sacks into
50 ml. of dialysis solution, containing the same concentra-
tion of sodium acetate and acetic acid as were present in the
gel mixture, was 10 minutes. The abscissa is the age of the
sol before the sample was withdrawn.

As the graph shows, the amount of Si02in whatever form,
dialyzing through the collodion membrane in 10 minutes,
decreased rapidly as the gel mixture aged before the sample
was withdrawn for dialysis. This was expected. The
curve reached a value of about 505 p.p.m. Si02at the time
the mixture set, 288 hours from the time it was mixed. Up
to this time, 10 samples, each of 10 ml., had been with-
drawn from the original mixture for dialysis, each in a fresh
sack.

All dialyses following were from sample 10 in the same
sack since the gel had set. It was kept, between dialyses,
in fresh samples of 50 ml. dialyzing solution. Intervals
between the 10-minute dialyzing runs, in fresh 50 ml. of di-
alyzing solutions, were 20 hours or more. Analyses of the
50-ml. solutions for 10-minute dialyses showed the Si02
dropping as low as 325 p.p.m. at 500 hours, but rising until
a value of 875 p.p.m. was reached at 2800 hours, where the
run was stopped. This is more than 100 days.

The 50-ml. solutions in which the sack was kept between
the 10-minute runs after the 428th hour were analyzed.
The long duration of exposure should have made these reach
equilibrium with the Si0O2inside the sack. The final value
appears to be 0.00426 g. of Si0O2per ml. or 4260 p.p.m. Ob-
viously this is the summation of all Si0O2present.

An interesting fact, noted in each run, was that the con-
centration of the Si02in the dialyzate both for the 10-minute
and the 20-hour or more dialysis, decreased to a minimum
after the gel had set and then rose to a steady value. We
know of no explanation as yet.

Continuous dialysis, where the liquid outside the collodion
membrane was drawn away slowly, being replaced steadily
by fresh solution, was studied. During this time the con-
tents of the collodion tube were not disturbed. If dialysis
started soon after the mixture of acid and silicate was pre-
pared, that is, within a few minutes, between 95 and 100%
of the Si02in the tube (0.190 g. Si02) could be removed, but
the total time of dialysis was 2000 hours. During the first
hour of dialysis, 0.0717 g. of Si02passed through the mem-
brane. The mixture inside the tube did not set at all, too
much Si02having been removed. If an hour elapsed after
the mixture was prepared, before dialysis started, only
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Age of sol in hours.
Fig. 1.— Weight of Si02dialyzed in relation to age of sol.

0.0549 g. of Si02dialyzed out in the total time.
shows the complete group of results.

The collodion membranes used so far have all been made
in the same way, with a drying time of 15 minutes. A series
of experiments were made to show the effect of drying time
of the membrane on the amount of Si02 dialyzed in 10
minutes. Every factor was the same except drying time.
Results are shown in Table IV.

Table 111

Table 111
Total Amount of Silica Dialyzed Out in Continuous
Dialysis in Relation to Age of Mixture before Start
of Dialysis

Dialysis continued 2000 hours. Time of set of original gel
mixture, 288 hours.

Time (hr.)

before sample Wt. SiCb SiOi
Run withdrawn dialyzed, g. dialyzed, %
2 0.00 0.1821 96.9
3 1.00 .0549 29.2
4 21.0 .0743 39.4
5 71.0 .0827 43.9
6 93 .0863 45.9
7 118 .0852 45.1
8 142 .0856 45.5
9 168 .0896 47.6

Table 1V

Effect of Drying Time of Collodion Membrane on
Amount of Silica Dialyzed in 10 Minutes

The smaller amount of Si02 dialyzing through the sacks,
with longer drying time and smaller pore size, is evident.

Drying time, Amount SiCh
Sample min. dialyzed, g.
1 15 0.0147
2 30 .0120
3 45 .0115
4 60 .0106
5 75 .0102
6 90 .0074
7 1180 .0068
Discussion

The results described here show that mixtures
of solutions of sodium silicate and acetic acid con-
tain silica in a form capable of dialyzing through
collodion membranes. At first the solution prob-
ably contains simple silicic acid. This, being of
small molecular size, dialyzes easily through collo-
dion membranes, as shown by Fig. 1

As the sol ages, less silicic acid is able to diffuse
through the membrane in a given time, indicating
the presence of smaller numbers of small molecules,
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That the small molecules do not disappear com-
pletely is shown by the fact that some silicic acid
is able to dialyze out, even if the original solution
had formed a gel. That the smaller molecules are
formed by a reaction which is the reverse of the
condensation reaction is shown by the fact that
more silicic acid can be dialyzed out each time the
sack containing the gel mixture is placed in a fresh
dialyzing receiving solution containing sodium
acetate and acetic acid.

Table 111 shows that practically all of the silicic
acid (97%) may be removed by continuous di-
alysis from the original mixture, while a mixture
run 168 hours, whose setting time was 288 hours,
lost 48% during continuous dialysis of 2000 hours.
Probably, if sufficient time were available, essen-
tially all of the silicic acid here could be removed.

Membranes with smaller pore size permitted less
silicic acid to diffuse in a given time, since the
number of molecules of size sufficient to pass
through these smaller pores was smaller.

With hydrosols containing lower concentrations
of Si02it would appear that the smaller molecules
of silicic acid are proportionally more plentiful.

To express these results by chemical equations,
we may write, since sodium silicate is not made up
of single species
(Na®)a(Si02j, + 20CHXOOH + (25 - a) HD — >

5Si(OH)4 + 2aCH,COONa

The condensation of simple monosilicic acid has
been represented?7

(HO)Bi— O |H + HO [ —Si(OH)s

(HO)Bi—0 |H + HO |- Si—O—SifOHh, etc.

- ¢H
(7) C. B. Hurd, Chem. Revs., 22, 403 (1938).

C. B. Hurd, M. D. Smith, F. Witzel and A. C. Glamm, Jr.

Vol. 57

Once a trisilicic acid has been formed, there are
two different kinds of OH groups present, the 6
OH groups on the end Si atoms and the 2 OH
groups on the Si atom not at the end. As the
chains become longer, the number of OH groups on
end Si atoms remains 6, but the number of the
other Kkind increases. Condensations involving
only OH groups on end Si atoms give linear
polymers, while the other types of OH groups
gives cross linkages. This explains why the gel
is formed suddenly, the increasing number of OH
groups not on end Si atoms compensating for the
greater activity of OH groups on Si atoms on the
end.

Table V shows by a few figures how this propor-
tion changes.

Table V

Relative Proportion of OH Groups in Linear Poly-
silicic Acids Which Are Attached to Si Atoms at the
End of the Chain

No. Si atoms in chain 2 3 4 10 50
% OH groups on end Si atoms 100 75 60 21.4 5.5

Our data illustrate the reversibility of the re-
action of condensation which produces polysilicic
acids from simple silicic acids.

DISCUSSION

Irving Clapp.—Have you made any studies of silicic acid
gels in alcohol?

Charles B. Hurd.—About 95% of our attempts to form
alcogels with silicic acid were unsuccessful. It is true, how-
ever, that we had some success using varied amounts of al-
cohol with tetraethyl orthosilicate, but only when water
was present.
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Vanadic acid and sodium vanadates prepared from ammonium metavanadate with the aid of ion-exchange resins have been

titrated potentiometrically.

is in equilibrium with the high polymer, and about which there has been disagreement, is H4V/ id27.
those of Britton obtained with compounds prepared by conventional methods.

dates is discussed.

Introduction

Various formulas have been proposed for the
isopoly acid of vanadium responsible for the first
break in the titration of colloidal vanadic acid.3-7
The present paper describes an attempt to clarify
this point of disagreement employing the vanadic
acid system prepared by ion exchange.8 The
application of ion exchange yields a relatively pure
product without recourse to dialysis.

Experimental

Titration of Vanadic Acid with Sodium Hydroxide.— The
data given in Fig. 1 are a clue as to why uncertainty has
arisen about the formulas of the isopoly acids. Rapid ti-
tration with scdium hydroxide using a glass electrode as-
sembly yielded the curve designated A. Although this
curve had three inflections, it did not correspond to equilib-
rium conditions and only a fraction of the vanadium took
part in the reaction. When pH readings were taken after
five days, equilibrium had been established and three
quantitative inflections, as shown in curve B of Fig. 1, re-
sulted. The stoppers of the flasks were coated with paraffin
and were not removed until the pH readings were made.
Britton and Welford9 have shown that the establishment of
equilibrium in a similar system is aided by heating to boiling.

The results of the slow titration (Fig. 1, curve B) indi-
cated that the colloidal vanadic acid was converted into the
pyrovanadate ion, V27-4, by the series of steps shown in
Table I.

The formula H4/ 1002 supports the findings of Britton and
Welford9who attributed the first inflection to the conversion

Table |

Titration of Colloidal Vanadic Acid

Vanadic acid
high polymer

if
U107 <

Inflection

HiV.002x + 40H" = V100::—4+ 4HD 1)
Vi0Oz7.4 4- 60H- = 10VO3- 4- 3HD (2)
IOVO:- + IOOH- = 0V:0;.4 4- 5HD ®3)

N~ VIDZI 4< N~ VO3 A~ N V207 4

(1) This paper is based on a portion of the dissertation by Rafael
Santini, Jr., presented to the faculty of the Graduate School of the
University of Pennsylvania in partial fulfillment of the requirements
for the degree of Doctor of Philosophy.

(2) The experimental data were presented before the Meeting-in-
Miniature of the Philadelphia Section of the American Chemical So-
ciety, January 29, 1953.

(3) P. Dullberg, Z. physik. Chem., 45, 129 (1903).

(4) E. Carriere and H. Guiter, Bull. soc. chim. France, 12, 329
(1945).

(5) G. Carpeni and P. Souchay, ibid., 13, 160 (1946); J. chim. phys.,
42, 149 (1945).

(6) G. Jander and K. F. Jahr, Z. anorg. Chem., 211, 49 (1933);
212, 1 (1933).

(7) H. T. S. Britton, et al., J. Chem.. Soc., 1955 (1932); 764 (1940).

(8) J. F. Hazel, W. M. McNabb and J. Devlin, J. Franklin Inst., 248,
251 (1949).

(9) H. T. S, Britton and G. Welford, J. Chem. Soc., 764 (1940).

The results indicate that the empirical formula of the low molecular weight isopoly acid which

The results support
The condensation polymerization of vana-

0 5 10 15 20 25
VOLUME OF 0 HIO N NaOH.
Fig. 1.

Tabte Il

Results Compared wtth T heory

Inflection H%ho?f base (t%%zz quocafntéase
First 4 4 3.9
Second 2 6 6.1
Third 6 10 10.2

of the acid into the sodium salt Na20-2.5V2Ch (or Na4vio0O 2).
In Table Il the equivalents of base required for the three
inflections corresponding to the formulas H4ve0 i7s~* and
H4v100Z are compared with the experimental results.

Titration of Sodium Vanadates with Hydrochloric Acid.—
Further confirmation of the formula of the complex poly-
vanadate ion was obtained by titrating sodium orthovana-
date with hydrochloric acid. Colloidal vanadic acid sols
prepared by ion exchange were mixed with calculated
amounts of sodium hydroxide to prepare the following
solutions: 0.005 M NajVv04, 0.0025 M Na4/sOx, 0.005 M
NaVv03 0.0056 M Na4vio027-

These different solutions were titrated potentiometrically,
using 25 ml. of the different sodium vanadates in each flask,

with 0.02 N HC1, the pH's being taken after five days. The
results of this experiment are plotted in Fig. 2. All four
solutions gave curves which could be superimposed. Other

Fig. 2.
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Fig. 3.

titrations of sodium vanadate were made with similar re-
sults. An example is given in Fig. 3. A differential plot
of the data is shown in Fig. 4.

Discussion

The titration curves of vanadates show inflections
similar to phosphates. The curves are character-
istic of polyprotic acids having successive ioniza-
tion constants with decreasing values. The step-
wise polymerization of vanadates upon acidifica-
tion can be treated as follows

o
0—V—0 + 2H2
1
0 J
[ o
1
0—V—OH + 20H- (1)
r oI ]'2 r q i
O_Vi_OH + HO—VI—O
L o J 0
(@) o

+ HD (2)

According to Britton and RobinsonDhydrolysis of
an 0.0833 m solution of orthovanadate occurs to
an extent of 49%. The presence of the pyrovana-
date has been indicated by diffusion measure-
ments.6 The condensation reaction occurs rapidly,
hence the first step in the titration can be repre-
sented by the sum of reactions 1and 2

2V04~3+ HD

A similar condensation reaction with phosphorus
does not occur at room temperature.

In seeking an explanation for the difference in the
condensation tendencies of protonated phosphates
and vanadates, a correlation may be made with the
difference in the electronegativities of phosphorus
and vanadium. Paulinglllists the electronegativi-
ties of oxygen, phosphorus and hydrogen as 3.5,
21 and 2.1, respectively. Comparison of the

(10) H. T. S.Britton and R. A. Robinson, J. Chem. Soc., 1955 (1932).
(11) L. Pauling, “The Nature of the Chemical Bond,” 2nd Ed.,
Cornell University Press, Ithaca, N. Y., 1940, pp. 58-69.

V2O ,-4+ 20H -

J. F. Hazel, W. M. McNabb and R. Santini, Jr.

Vol. 57

Fig. 4.

-2
and

1 r| i
structures —P—0—H —P—0—P—
L i J

indicates that the differences in the electronegativ-
ities of the elements forming the bonds are the
same, since both hydrogen and phosphorus have
the samevalues. This condensation does not occur
at room temperature.

The electronegativity of vanadium, a transition
element, may be estimated to be about 1.6.12
Since bond energies are qualitatively related to
electronegativities and vanadium is more electroposi-

NV—0—V—

may be expected to be favored13over the structure

tive than hydrogen, the structure

—V—0—H

The next step in the polymerization on addition
of acid involves the conversion of the pyrovanadate
to the metavanadate. Molecular weights from
diffusion data6 suggest the (v os)~ formula al-
though SouchayX supports the trimetavanadate
formula. We are studying the ultraviolet absorp-
tion spectra of the vanadates in this Laboratory
but are unable to give a clear interpretation of the
results at the present time.

The titration data show that two protons re-
act with each pyrovanadate ion in this step of the
titration

T e 0 s
aE( Itra

f%z'%c.mh%fgn% i
s two sodium Salt?orms

ronﬁ &@Os oHca u;
vana dp g vanadic amﬁj V

orms In prererence to Na V2 BGC&USG

(12) L. Pauling, “General Chemistry,”
San Francisco, Cal., 1947, p. 160.
(13) It is of interest to note that condensation reactions of the type

W. H. Freeman and Co.,

(X:0:H + X:0:H = :X:0:X: + H:0:H
are common when the electronegativity of X is about 1.6 =b 0.2
Examples are found with chromium, silicon, tin and germanium.

(14) P. Souchay, Bull. soc. chim., France, 14, 914 (1947).

(15) J. R. Van Wazer and K. A. Holst, J. Am. Chem. Soc., 72, 639
(1950).
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the vanadate polymerizes as indicated by the reac-
tion

H2/,07-* + HVD,-22zt (VO3n4d+ 2HD

A structural formula may be suggested for the
tetramer similar to that of tetrametaphosphate.6

O (o]
O -V 0O -v O + 4H 4
1 1
0 o
0 (©)
1 I
O—V—0—V—o 2H2
1 1
0 o
0—V—0—1—o
1 I
o o

The tetrametavanadate ion is in equilibrium with
the H2/207 ~ion as indicated above.

The clue to the product formed in the next step
of the polymerization is given by the titration
data. The empirical formula of the ion, V1002 4,
or of the sodium salt, Na4/i0DZ, deduced from the
data supports the findings of Britton and co-
workers.7 The condensation may be summarized
in the following equation.T7

2(V034-4+ HoVjOr2+ 6H+ ~Zt VIO5-4 + 4HD

Further -acidification leads to the formation of a
linear polymer which is in equilibrium with low
molecular weight decavanadic acid, H:Vio 27-
Turkevich and Hillierl8Bmade electron micrographs
of a vanadic acid sol and observed fibrils which
were 27 A. wide and 200-1000 A. long. It is well
known that aged vanadic acid sols show streaming
double refraction due to the presence of rod-like
particles. The equilibrium in the colloidal system
can be represented as

HO—I — O—V— O—V—OH
I I
X A 0 0
I 1 1
HO—V— O—V— O—V—OH
I I I
0 0 [o]

Decavanadic acid

(16) T. Moeller, “Inorganic Chemistry,” John Wiley and Sons, Inc.,
New York, N. Y., 1952, p. 645.

(17) Jander and Jahr6 have suggested that two tetravanadate ions
condense to form octavanadic acid which is unstable and undergoes
slow hydrolysis to pentavanadic acid.

(18) J. Turkevich and J. Hillier, Anal. Chem., 21, 479 (1949).

Formation and Titration of Colloidal Vanadto Acid

G33
0] R
1 r O% 0
HO—VE[— 0 -vi— 0- \J il
0 0 0, + 2X - 2H2
1 i J
HO-V— O-V— 0 -v—on
% 1 1
1
0 L 0o J 0
ox — 2

Linear polymer of vanadic acid

The isoelectric point of vanadic acid is about pH
2.2.0 If the acidity is increased, the polymer is
broken up and monomeric V02+ and/or VO+3
ions are formed. At the isoelectric point the bond
between the oxygen and vanadium in the H-O-V -
group is weakened due to electrons being pulled
away from vanadium toward the hydrogen. At
still lower pH values the hydroxyl groups split off
(and are neutralized) leaving the vanadium atoms
with a positive ionic charge

0 0 0 o

HO—VI—OI—V. ... = HO + I+V—IO—V....
1 ! I 1
Electrons shift toward the positive vanadium and
cleavage occurs leaving the adjacent vanadium
atom with a positive charge
0 0 (@] (@]

| I | 1
+V—0—V.... =

The cleavage of the linear polymer into mono-
meric cations results in consumption of protons.
In the following the added proton is indicated by an
arrow

|H- o
HO I- — 0 h -0
0 : .01 loi
T S 11 T
HO—Vp© IVI— jo —iv—0!
1 | 111 x| <
;0 1 M H+ 0 i

[

The products of the cleavage are OH- ions, en-
closed by solid lines and V0 2+ ions® (hydrates of
this ion aswell as V 0 +3ions may be formed).

P02+ + 2H2 = ITPOr + 2H +

(19) N. V. Sidgwick, “Chemical Elements and Their Compounds,”
Yol. 1, Oxford University Press, London, 1950, p. 809.

(20) Polyphosphates are slowly hydrolyzed to orthophosphates by
H +ions but PO2+ions are not a product of the cleavage of the-P-O-P-
linkages. Phosphorus is more non-metallic than vanadium and this
results in the complete hydrolysis.
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Synergistic effects of antifoaming agents are investigated for foams of two synthetic detergents, Aerosol OT and Nacconol

NRSF.
phosphate and methylisobutylcarbinol.

The defoaming systems are (a) mixtures of Ucon 50-HB-3520 and 2-ethylhexanol and (b) mixtures of tributyl
The first of these shows a correspondence between antifoaming action and the
free energy of spreading of the antifoam composition on the detergent solution.

The second system shows no such corre-

spondence, but a more complex effect related to the separate defoaming action of each constituent of the composition.

In the industrial use of antifoaming agents it has
frequently been found that a mixture of two agents
is more effective than either agent separately.
This cooperative effect is known as synergism.
In his report of industrial practices Rosslmentions
a mixture of 2-ethylhexanol and diisobutylcarbinol,
and again a mixture of Ucon lubricant 50-HB-3520
and heptanol-3, where this synergistic effect has
been found. Despite its frequent use, there has
not yet appeared any examination of this effect
directed toward an understanding of its cause and a
better basis for its further exploitation.

Two synergistic systems that have some general
interest are reported in this paper. The first pair
of agents is Ucon 50-HB-3520 and 2-ethylhexanol,
which is a combination similar to one mentioned
in reference (1). The second is a mixture of tri-
butyl phosphate and methylisobutylcarbinol; these
agents have already been investigated separately
by Ross and Young2 and shown to have widely
differing effects. It was felt that mixtures of the
two might, by a combination of their separate
effects, display synergistic action. The first pair of
agents was tried on a foaming solution containing
0.10% Aerosol OT. The second pair of agents was
tried on a foaming solution containing 0.50%
Nacconol NRSF and 0.75% sodium silicate (c/.
reference 2).

Materials and Methods.—The
sources are listed in Table I.

materials and their

two factors are not measured in complete isolation even by
this expedient.

The free energy of spreading of each solution of the two
agents on the surface of the foaming system was calculated
from surface and interfacial tensions by the equation

AT. = (td + tdf) — tf

where 70 is the surface-tension of the solution of the two
agents, 7 f is the surface tension of the foaming solution and
7df is the interfacial tension between the two liquids. The
surface and interfacial tensions were measured using the
Cenco-du Noiiy precision form tensiometer and the Cenco-
du Nouy interfacial tensiometer, using the ring corrections
of Harkins and Jordan.3

Results.— The results obtained for the foam stabilities in
the presence of different concentrations of the synergistic
mixtures are depicted in Figs. 1 and 2. On each figure for
comparison is given the corresponding free energy of spread-
ing in ergs/cm.2

The antifoams of Fig. 1, 2-ethylhexanol and Ucon 50-
HB-3520 on a foaming solution of 0.10% Aerpsol OT, are
used at a total concentration of 0.50% for each combina-
tion. The antifoams of Fig. 2, methylisobutylcarbinol and
tributyl phosphate on a foaming solution of 0.50% Nacconol
NRSF and 0.75% sodium silicate, are used at a total con-
centration of 2.0% for each combination.

Discussion.—An examination of the two figures
shows that apparently a correspondence exists in
one system between the foam stability, Lf, and the
free energy of spreading of the antifoam on the
foaming solution (Fig. 1), and that no such corre-
spondence is observed in the other system (Fig. 2).
The mechanisms by which the agents act are there-
fore deduced to differ.

Table |

D escriptions and Sources of Materials Used

Trade name Description

Nacconol NRSF

Aerosol OT

Ucon 50-HB-3520
Methylisobutylcarbinol
2-Ethylhexanol
Tributyl phosphate

(CHi)iCHCHJCH(OH)CH*

(C4H»0)3P :0

The foam stabilities were measured as described in refer-
ence (2). Three indexes, designated L\, L, and Lt, are
obtained from the data. Of the three, only Lt can properly
be called the unit of foam stability, as it is actually a meas-
ure of the average time that 1 ml. of foam—i.e., the mixture
of the phases, not either one separately— has an existence
of its own. The remaining two indexes, L\ and Lt, give
an approximate account of the relative parts played in the
total instability of the foam by drainage of liquid from the
foam films and by rupture of the films to release gas, respec-
tively. They give an approximate account only as these

(1) S. Rosa, Rensselaer Polytech. Inst. Bull.; Eng. Sci. Ser., No. 63.
(2) S. Rosaand O. J. Young, Ind. Eng. Chew,., 43, 2520 (1951).

Sodium alkyl aryl sulfonate, salt free

Dioctyl sodium sulfosuccinate
Polyalkylene glycol, water miscible

CH,CH(C2HB6)CHj— (CHj)i— CHOH

Source

National Aniline Division, Allied Chemical
and Dye Corporation

American Cyanamid Co.

Carbide and Carbon Chemicals Corp.

Carbide and Carbon Chemicals Corp.

Carbide and Carbon Chemicals Corp.

Commercial Solvents Corp.

(@ Correspondence between Foam Stability

and Free Energy of Spreading—A qualitative cor-
respondence between defoaming action and the
spreading coefficient (numerically equal but oppo-
site in sign to the free energy of spreading) had
already been pointed out for a majority of systems
investigated by Robinson and Woods4and again by

(3) W. D. Harkins and H. F. Jordan, J. Am. Chem. Soc., 52, 1751
(1930).

(4) J. V. Robinson and W. W. Woods. J. Soc. Chem. Ind. (London),
67. 361 (1948).
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Fig. 1.— The effects of 0.50% of various mixtures of Ucon
50-HB-3520 and 2-ethylhexanol on a foam produced by
0.10% Aerosol OT, and the free energies of spreading of
these mixtures on the detergent solution.

Ross.6 The spreading coefficient is one of several
methods of estimating the degree of polarity of an
organic liquid, or the hydrophilic-lipophilic balance
of a mixture. This balance determines the surface
activity of an agent, and has been reported to have
an optimum value for antifoaming action on
aqueous systems.6 A similar effect was discovered
by Morse and Moss7in an evaluation of defoamers
for use during yeast manufacture. Tall oil (a
source of fatty acids) condensed with different
amounts of ethylene oxide was used as a series of
defoamers, with a variable hydrophilic-lipophilic
balance. The most effective defoaming occurred
in the range of molar ratios around 1to 1. The
free energies of spreading were not measured for the
varying composition of this system. It might be
expected, however, that they would show a similar
correspondence with defoaming action to that
shown in Fig. 1

It is significant for comparison with the next
system to be discussed, that there is no clear separa-
tion of the functions of each of the two constituents.

The correspondence between good defoaming
action and a large negative free energy of spreading
could be interpreted as due to a displacement of the
original foam-stabilizing surface layer by a more

(5) S. ROSS, T his Journat, 54, 429 (1950).

(6) “Atlas Surface Active Agents,” Atlas Powder Co., Wilmington,
Del.

(7) R. E. Morse and H. V. Moss, Ind. Eng. Chem., 44, 346 (1952).

Synergistic Effects of Antifoaming Agents
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% TRIBUYL PHOSPHATE

Fig. 2.— The effects of 2.0% of various mixtures of tri-
butyl phosphate and methylisobutylcarbinol on a foam pro-
duced by a solution of 0.50% Nacconol NRSF and 0.75%
sodium silicate, and the free energies of spreading of these
mixtures on that solution.

surface-active but less cohesive or resilient surface
layer of antifoam.

(b) Lack of Correspondence between Foam Sta-
bility and Free Energy of Spreading.—Figure 2
presents an interesting example of a real synergistic
effect that shows no correspondence with the free
energy of spreading. The two agents concerned,
methylisobutylcarbinol and tributyl phosphate,
have already been studied separately (reference 2),
and shown to affect foams in quite different ways.
Tributyl phosphate greatly increases the rate of
liquid drainage but has little direct effect in reducing
the strength of the thinned liquid film. Methyliso-
butylcarbinol both increases the rate of liquid
drainage, though not to the same extent as tributyl
phosphate, and has also a pronounced weakening
effect on the liquid films, which rupture while still

Tabie Il

Foam Stabilities (Seconds)

(Solution containing 0.50% Nacconol NRSF and 0.75%
sodium silicate)

Agent Concn., % Li Tg Li
No agent 350 2080 1720
Methylisobutylcarbinol 6.00 135 180 170
Tributyl phosphate 4.00 95 1060 845
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Volume of liquid in foam (ml.)

Fig. 3.— The effect of antifoaming agents on the variation
of foam density with volume of liquid in the foam. The
foaming solution contains 0.50% Nacconol NRSF and 0.75%

sodium silicate. MIC = methylisobutylcarbinol; TBP =
tributyl phosphate (data of Cf. 3. Young).
relatively thick. The following results, from

reference 2, reflect these modes of behavior.

Figure 3, based on data of G. J. Young, shows
the variation of the density of the foam with the
volume of liquid in the foam. Very low densities
indicate a tenuous system of liquid films enclosing
the gas phase. A rapidly increasing foam density
(reading from right to left as the foam ages)
indicates rupture of liquid films and loss of the gas
phase. With tributyl phosphate present in the
foam, the films drain to the same ultimate thickness
before rupture, arriving at the condition of critical
film thickness, however, in about half the time
required in the absence of tributyl phosphate.
With methylisobutylcarbinol in the foam, the foam

Sydney Ross, A. F. Hughes, M. L. Kennedy and A. R. M akdoian

Vol. 57

Fig. 4.—The effect of 2.0% of each of two antifoaming
agents and of a mixture of the two on the variation of foam
density with volume of liquid in the foam. 90 MIC-10
TBP represents a composition of 90% methylisobutylcar-
binol and 10% tributyl phosphate.

density never reaches as low a value as in the ab-
sence of the agent. The minimum in this curve
is produced by the rapid escape of gas from the
foam, which proceeds at a greater rate than the
escape of liquid.

Figure 4 shows the two effects in combination at
total concentrations of 2%.

The action of methylisobutylcarbinol is probably
related to its large negative free energy of spread-
ing, by virtue of which it may at 6% concentration
largely displace the original stabilizing film from
the surfaces of the foam. The action of tributyl
phosphate is probably related to its reduction of the
surface viscosity of the original stabilizing film,
reaching a maximum at 4% concentration, which
then permits more rapid flow of interfilm liquid
though without destroying the intrinsic strength
of the film. The two agents are here combined at
concentrations below their optimum effects (total
of 2% concentration), so that one effect does not
dwarf the other. The combination of these two
effects is clearly a more complex phenomenon
than is represented by the previous system, and
can no longer be found to correspond with the
measured free energies of spreading.
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The self-diffusion coefficients of sodium, zinc and calcium ions in “Nepton CR-51" cation-exchange membranes were de-

termined by observing the spread o: radiotracers on the membranes.

The values obtained by this method are compared to

those calculated from the electrical conductance of the membranes by the Nernst-Einstein formula and to one value from the

rate of isotopic exchange.
electrical conductance in the membrane are similar;

Self-diffusion coefficients of ions in ion-exchange
resins have been determined previously from the
measurement of the rate of exchange of resin par-
ticles with solutions which were not in equilibrium
with them.3 This method involves assumptions
about the rate-controlling process and the shape
of the resin particles.

Since self-diffusion coefficients of ions in ionic
crystals and in solutions are known to be related
to the electrical conductance and since the meas-
urement of the electrical conductance of ion-ex-
change resins is comparatively simple, it is of in-
terest to compare diffusion and conductance data
for resins.

Schulze4 calculated diffusion coefficients of dif-
ferent ions in granular permutite from the rate of
exchange and compared these values to the self-
diffusion coefficients calculated from the electrical
conductance of the permutite at 20°. A large dis-
crepancy was found which was considered due to
the porosity of the grains.

At the time of these investigations a direct de-
termination of self-diffusion coefficients was not
possible, because the isotopic tracer technique was
not yet available. This,technique was used in the
present investigation in which the self-diffusion
coefficients of sodium, zinc and calcium ions in a
cation-exchange membrane were determined from
the spread of absorbed radioactive tracer ions and
compared to the values calculated from the elec-
trical conductance of the membrane.

Theory.—The self-diffusion coefficient, D(cm.2
sec.-1) of an ion of valency Z is related to its elec-
trical mobility, m(cm.2volt” 1sec.-1) by the Nernst-
Einstein formula6

RT RT 1K
~ ZFm ~ ZF ¢F @

R is the gas constant (watt sec. deg.-1 mole-1),
T the absolute temperature, F Faraday’s constant
(coul. eq.-1), t the transference number of the ion,
k the specific conductance (mho cm.-1) and c the
equivalent concentration of the solution (meq.
ml.-1).

(1) The results of these studies have been presented at the A.A.A.S.-
Gordon Conference on lon Exchange in 1952; and also in the progress
reports of the M.1.T. Laboratory for Nuclear Science.

(2) Department of Chemistry and Laboratory for Nuclear Science,
M.IL.T. -

(3) G. E. Boyd, A. W. Adamson and L. S. Myers, Jr., 3. Am. Chem.
Soc., 69, 2836 (1947).

(4) G. Schulze, Z. physik. Chem., 89, 168 (1915).

(5) W. Jost, "Diffusion in Solids, Liquids and Gases,” Academic
Press, Inc., New York, N. Y., 1952.

The agreement is fairly good except for calcium and shows that the mechanisms of diffusion and
the observed discrepancies are believed to be due to electroosmosis.

This relation holds if the mechanism underlying
diffusion is the same as that responsible for elec-
trolytic conduction. Conversely, it has often been
concluded that the two mechanisms are the same
if agreement is found between the values of D cal-
culated from equation (1) and those obtained by
an independent method.

In ion-exchange resins one should expect the two
mechanisms to be the same except for the fact that
during electromigration electroosmotic flow of
water occurs, which is not the case in the process
of diffusion. In the absence of sufficient data on
electroosmosis in ion-exchange resins, the authors
have computed the diffusion coefficients of ions
from the conductance without correcting for elec-
troosmosis. The approximate agreement between
computed and measured values seems to justify
this procedure as a rough approximation.

In solutions of electrolytes, equation (1) holds
strictly only at infinite dilution. At finite concen-
trations, the diffusion mobility and the electrical
mobility are not the same, because the interaction
between cations and anions is different when they
migrate in a diffusion column with the same ve-
locity in one direction and when they migrate in
opposite directions under the influence of an ex-
ternal electrical field.6 Thus if the diffusion co-
efficients of electrolytes in 0.1 A solution are cal-
culated from the electrical mobilities corresponding
to finite concentrations, these values are too low
by several per cent.7

In cation-exchange resins in equilibrium with
water, this problem does not exist because only the
cations can migrate with respect to the hydrocar-
bon matrix in both diffusion and electromigration
processes. The transference number of the cat-
ions with respect to this matrix is unity.89 There-
fore equation (1) reduces to

Dc = (266 X 10—% . = (266 X 10-7) | (2)

at 25° where 2, is the self-diffusion coefficient as
determined from the conductance, cr the (volume)
capacity (meq. ml.-1), and a the equivalent con-
ductance (mho cm.2eq.-1) of the resin.

Experimental

Capacity Determination.— Strips of “Nepton CR-51,”10
a phenolsulfonic cation-exchange membrane, 10 X 1.9 X

(6) L. G. Longsworth, Ann. N. Y. Acad. Sci., 46, 211 (1945).

(7) G. S. Hartley, Phil. Mag., S.7., 12, 473 (1931).

(8) K. S. Spiegler and C. D. Coryell, Science, 113, 546 (1951).
(9) K. S. Spiegler and C. D. Coryell, T his Journa1, 56, 106 (1952).
(10) A product of lonics, Inc., Cambridge, Mass.
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Table |
Specific Conductance, Kk, of Nepton CR-51 in the Sodium, Calcium and Zinc Form
Mem- Date of Capacity, k X 1(H Temp.,
brane no. Cation measurement ineq. ml. _1 raho cm. °C. Remarks
1 Na 1/29/52 0.98 8.4 24
Na 3/10/52 .94 7.7 25 After several Na-H cycles
2 Na 712152 1.01 11.7 31.5
Na 713152 1.01 11.37 31.5
3 Ca 4/16/52 1.03 4.83 27
Ca 4/19/52 1.03 4.75 28.5 After new equilibration with CaCl2
Ca 5/8/52 1.03 4.19 26.3
Ca 6/12/52 1.03 4.09 26.5 After now equilibration with CaCl2
4 Ca 712152 1.02 5.57 31.5 This membrane had undergone several exchange
Ca 713152 1.02 5.40 31.0 cycles
Ca 7129/52 1.02 5.67 31.5
Ca 7130/52 1.02 5.40 30.0
5 zZn 4/16/52 1.02 4.21 28
Zn 4/19/52 1.02 3.75 29 After new equilibration with Zn(N03)2
Zn 5/8/52 1.02 3.35 26.5
6 Zn 6/30/52 1.02 4.24 29.5 This membrane had undergone several exchange
Zn 6/31/5,2 1.02 4.54 32.9 cycles
zZn 8/1/52 1.02 4.07 29.7

0.1 cm. were shaken vigorously with 60 ml. of 2 N hydro-
chloric acid for several hours, the liquid discarded and this
procedure repeated several times. After leaching with dis-
tilled water, the membranes were transformed into the so-
dium, calcium and zinc forms by equilibration with 2 N solu-
tions of NaCl, CaCl2and Zn(N 032 respectively. The cat-
ion in these solutions replaced hydrogen ion from the resin,
which was titrated with standard 0.1 N sodium hydroxide.

Conductance Measurements.— The membrane strip was
clamped between owo platinized platinum electrodes on a
“Lucite” support as described elsewhere, 11 and the whole
assembly placed in a “ Lucite” cell filled wdth deionized water
in order to prevent drying and shrinkage of the membrane.
The conductance of the membrane (60 cycles per second)
was determined by means of a “Serfass” conductance
bridge (A. H. Thomas Co., Philadelphia, Pa.) with an ac-
curacy of 2%.

The conductance of different membrane samples was not
quite equal and it was also found that the conductance
changed as time went on. The zinc form of the resin was
found to be covered with a thin white layer which may be
Zn(OH)2 due to partial hydrolysis. When the membranes
were converted to the hydrogen form and then reconverted
to the original form, the conductance was usually somewhat
different than before.

The reason for the change of the conductance of the resins
with time is not known. It is possible that some volume
change occurred, but this could not be detected by a signifi-
cant change of the length or width of the membrane strips.
The capacity and specific conductance were calculated from
the dimensions of the membrane in the appropriate form.
The changes of membrane length on conversion from one
form to the other were less than 3%, but it is not impossible
that there were larger changes in the membrane thickness.
It is known that phenolsulfonic membranes are not entirely
insoluble and contain a certain amount of high-molecular
weight diffusible fragments. This may at least partly ac-
count for the observed conductance changes.

The results of the capacity and conductance determina-
tions are listed in Table I. The specific conductance, k,
was calculated from the measured resistance and the geo-
metrical dimensions of the membrane strips. The possible
error in the determination of the membrane thickness was as
high as 10%, but this error would not affect the determina-
tion of the diffusion coefficient by equation (2) because the
equivalent conductance, A, of the membrane is determined
from the ratio k/cR and both Ic and .- are equally affected
by an error in the determination of the membrane thickness.

Determination of the Self-diffusion Coefficient by a Radio-
tracer Method.— The sodium membrane was superficially

(11) J. T. Clarke, J. A. Marinsky, W. Juda, N. W. Rosenberg and
S. Alexander, T his Journat. 56, 100 (1952).

dried and about one-half of its length equilibrated for one
hour with a 0.02 N solution of sodium chloride containing
several hundred microcuries of 2.6y Na22 The solution
was stirred vigorously during this period. In order to ob-
tain a sharp boundary between the traced and untraced por-
tions of the membrane, the latter was covered with “ Scotch”
insulating tape. The membrane was then equilibrated
with distilled water for about an hour and the tape removed.

An analogous procedure was adopted for the experiments
with zinc and calcium ions. The radioactive tracers, 2.6y
Na22 and 250d Zn&b were furnished by the M .1.T. cyclotron
group. 152d Ca45 was obtained from the Isotope Division,
U. S. Atomic Energy Commission, Oak Ridge, Tennessee.

The radioactive membranes were then wrapped in thin
polystyrene film and autoradiographs taken on Kodak X-
ray film (“No-screen”). The exposure periods varied be-
tween 10 and 25 minutes in the different experiments. The
plates were developed with Kodak “D19” developer for five
minutes.

After exposure, the membrane was allowed to stand in de-
ionized water from which it was withdrawn at fixed intervals
for short periods for further exposures. In this manner the
spread of the radiotracer from the initially sharp boundary
could be observed. In each experiment three to four auto-
radiographs, taken at different times, were evaluated.

The optical density of the autoradiographs was deter-
mined by means of a “Sinclair-Smith” recording micro-
photometer. Typical densitograrns are shown in Fig. 1.
From the values of the relative concentration, the diffusion
coefficients were determined by a graphical method used by
McCarthy and collaborators and described ir_ detail else-
where.22 All evaluations of the autoradiographs showed
reasonable straight lines on the “ probability paper” plot,,12
showing conformity with the laws of one-dimensional dif-
fusion from a long reservoir of constant concentration into
a long region of zero initial concentration. The unavoid-
able small departure of the initial concentration— distribu-
tion curve from a sharp step was treated as a small addition
to the time scale to give effective spread time. Three or
four successive measurements at greatly different times
indicated a precision of about 10% for the average value of
D.

Results

Table 11 shows a comparison of the diffusion coefficients
determined by the “spread” method with the values com-
puted from the electrical conductance by means of equation
(1). For comparison, there is tabulated the value deter-
mined by the usual kinetic method for another phenolsul-
fonic resin, Amberlite IR-1.5

12)
McCarthy, J. Am. Chem. Soc., 71, 2879 (1949).

V. F. Felicetta, A. E. Markham, Q. P. Peniston and J. L-
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Tabire Il

Self-diffusion Coefficients, D, in Phenol-Sulfonic lon-Exchanqge Resins as Determined by Different Methods

Self-diffusion coefficient, D X 10®cm.2sec. -1

Capacity, Temp., Specific conductance, Radioactive Electrical
Cation Resin msq. ml.-1 °C. mho cm. -1 Kinetic tracer spread conductance
Sodium 30 2.1
Nepton CR-51 0.96 23 7.75 X 10-« 1.95 + 0.25 2.15 = 0.20
Zinc Nepton CR-51 1.02 27 3.69 X 10~3 0.41 .05 0.48 + .05
Calcium Nepton CR-51 1.03 27 4.44 X 10-3 .31 £ .05 .58 + .05

The conductance values used for these calculations are the
average values for membranes 1, 3 and 5 from Table I.
The same membranes were used for the spread measure-
ments, except in the case of sodium. The conductance
values were reduced to the temperature of the spread meas-
urement, assuming that the temperature coefficient of the
conductance is 2.5% per deg.

The relatively large limit of error of the “spread” method

is due to the large fluctuations in the densitographs. In
general, the evaluation of the
autoradiographs is much less ac-
curate than the optical methods
used for the concentration de-
terminations12 in transparent gels.
The limit of error of 10% of the
values of Dc calculated from the
electrical conductance was esti-
mated by taking into account the
variations of the conductance as
shown in Table I, the accuracy of
the conductance bridge, the ca-
pacity determination and the
measurement of the area of the
membrane.

Discussion

It is seen that for sodium
and zinc the values de-
termined by the two methods
agree within the Ilimit of
error, but in both cases the
observed values are lower
than the calculated. For
calcium the value determined
by the spread method is sig-
nificantly lower. At any rate
the calculation of the diffusion
coefficient from the electrical
conductance by means of
equation (2) yields values of
the right order of magnitude and this may be con-
sidered as a proof that the mechanism underlying
diffusion in ion-exchange resins is roughly the same
as the one underlying electrical conductance.

The fact that the observed values were lower
than the computed ones is probably due to electro-
osmosis. When the mobile cations migrate under
the action of an electric field they cause an electro-
osmotic flow of water in the same direction but at
a lower linear velocity.13 The linear velocity of
the cations with respect to the fixed anions is then
higher than with respect to the electroosmotie
stream of water. Therefore the measured con-
conductance, k*, is higher than the conductance, k,
corresponding to a state where the water is at rest
with respect to the fixed anions. When self-dif-
fusion takes place in a resin, no electroosmosis
occurs and hence if k* instead of K is used to calcu-
late the self-diffusion coefficient by equation (2),
the computed values will be too high.

(13) G. Schmid, Z. Elektrochem., 66, 181 (1952).

Fig.

tially sharp boundary;

1.— Self-diffusion of calcium in
graphic evaluation of autoradiographs showing spread of 152d Ca4% from an
temperature, 26.4°.
(effective spread time of 3.2 hours).

A knowledge of the self-diffusion coefficients of
ions is of limited practical importance, but could
be useful if the coefficients of interdiffusion of dif-
ferent ions in a mixed resin could be calculated
therefrom. In previous studies it has been as-
sumed as a first approximation that the coefficient
of interdiffusion is independent of the composition

MEVERANE LENGTH GOORJINATE (V1 FROM ARBITRARY ZEROD).

CR-51 Densito-
ini-
Upper diagram, spread after 2.4 hours
Lower diagram, spread after 3 days and 7 hours.

Nepton membrane.

of the mixed resin. On the other hand, applica-
tion of the classical Nernst theory of diffusion6X4 of
electrolytes leads to the conclusion that this is
true only if the mobilities of the exchanging ions
are equal. In general, the coefficient of interdif-
fusion, b an, of two univalent ions, A and B, is
related to the composition by the equation

D' - I/(k +S) 9

provided the mobilities of the ions are independent
of the composition. Xa and Xb are the mole
fractions and Da and Db the self-diffusion coeffi-
cients of ions A and B, respectively. This relation
was first derivedX4 for interdiffusion in halide crys-
tal systems such as AgCI-NaCl, at 280° which are
somewhat analogous to cation-exchange resins be-
cause the anions are immobile. It was found in
fair agreement with experimental results.5

In general, the variation of the interdiffusion co-

dé) c. wagner, z. phyaik. chem., BII, 139 (1930)
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efficient with composition may be expected to be
somewhat less than by equation (3), which was
derived on the assumption that the interaction of
the ions is merely electrostatic and that the presence
of one type of ion does not otherwise affect the mo-
bility of the other. This is in general only approxi-
mately true. For instance, in a mixed sodium-
hydrogen resin the ratio of the mobilities of hydro-
gen and sodium ions is smaller than that of their
mobilities in the pure hydrogen and sodium forms,
respectively.9 Hence in this case the variation of
the interdiffusion coefficient with the composition

R. F. Lumb and Arthur E. Martell
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cannot be as large as expected from equation (3).
If the ionic mobilities in a mixed resin are always
less different than in the pure resin salts, equation
(3) represents the upper limit of the dependence
of the coefficient of interdiffusion on the concentra-
tion.
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The acid dissociation constants of glutamic and aspartic acids, and their interactions with the divalent ions of Mg, Ca,

Sr, Ba and Cd were investigated potentiometrically with a cell consisting of glass and silvei”silver chloride electrodes.

The

stability constants were calculated for the chelates consisting of one mole of ligand per mole of metal ion, and probable
structures of the chelates are suggested. The measured chelating tendencies are compared to those reported for analogous
amino acids, and the correlation of the calculated stability constants with the ionic radius of the metal is described.

Literature reports on the binding of the alkaline
earth ions with glutamic and aspartic acids seem to
be in disagreement on the nature and extent of the
interaction. Miyamoto and Schmidt,2on the basis
of transference numbers calculated from conduct-
ance measurements, could find no evidence for com-
plexing of calcium and barium ions by glutamic
and aspartic acids. Subsequently, however, Batch-
elder and Schmidt3studied the titration of aspartic
acid in the presence of barium ion and concluded
that complex formation possibly occurs. Also, a
titrimetric study by Heinz4 on calcium aspartate
indicated that little or no binding occurs, and no
stability constant tvas reported. On the other
hand, recent quantitative studies have indicated
definite interactions, and stability constants have
been reported for calcium glutamate,5calcium and
strontium aspartate,6 and for radium aspartate.7

Since the existence of weak chelates of alkaline
earth ions with glycine58-11 are now knoAvn, it is
to be expected that the additional carboxylate group
in the glutamate and aspartate ions would render
these more effective as ligands than the glycinate
ion. The purpose of this research was to determine
quantitatively the interaction of alkaline earth
ions with aspartic and glutamic acids. The some-
what less basic cadmium ion was also included for
investigation.

(1) Abstracted from a dissertation submitted by R. F. Lumb to the

faculty of Clark University in partial fulfillment of the requirements
for the degree of Doctor of Philosophy, June, 1951.

(2) S. Miyamoto and C. Schmidt, J. Biol. Chem., 99, 335 (1933).
(3) A. Batchelder and C. Schmidt, T nis Journai, 44, 893 (1940).
(4) E. Heinz, Biochem. Z., 321, 314 (1951).

(5) C. W. Davies and G. M. Waind, J. Chem. Soc., 301 (1950).

(6) J. Schubert, This Journa1, 56, 113 (1952).

(7) J. Schubert, E. Russell and L. Myers, /. Biol. Chem., 185, 387
(1950).

(8) A. Albert, Biochem. J., 46, Proc. of soc. xxxix (1950).

(9) C. B. Monk, Trans. Faraday Soc., 47, 297 (1951).

(10) C. B. Monk, ibid., 47, 1233 (1951).

(11) C. W. Davies, J. Chem. Soc., 277 (1938).

Experimental

Method.— By means of potentiometrie pH determina-
tions, the ionization constants of glutamic and aspartic
acids were measured in 0.1 M potassium chloride at 25°.
Similar measurements were then made in solutions in which
the metal ion being investigated was maintained at a con-
centration of about ten times that of the amino acid. In all
cases there was maintained a very large excess of potassium
chloride over all other ionic species present, so that the ionic
strength was maintained relatively constant. The titra-
tions were carried out by the addition of excess standard
potassium hydroxide to the experimental solution contain-
ing the amino acid, potassium chloride and, in most cases,
the metal chloride. The resulting solution was then back-
titrated with small increments of standard hydrochloric
acid.

Apparatus and Materials.— The conical reaction cell con-
tained a large number of openings designed to accommodate
a mercury seal stirrer, buret, glass, Ag-AgCIl and hydrogen
electrodes, hydrogen (or nitrogen) inlet and outlet. A num-
ber of electrodes of each type were employed in order to
check the readings. The hydrogen and nitrogen used were
purified and presaturated with a solution having the same
composition as the experimental solution. The hydrogen
electrodes were prepared as described by Weissberger.12
The silver-silver chloride electrodes were prepared accord-
ing to the directions of Shedlovsky and Maelnnes.13 Agree-
ment among silver-silver chlorides was generally *0.01
millivolt; those showing greater than +0.1 millivolt devia-
tion were discarded. Standard Beckmann #290 glass elec-
trodes were adapted to the requirements of the investiga-
tion by shielding the lead with an insulated wire mesh sealed
to the brass base and covered with amphenol. The cell
potential was measured by means of a Leeds and Northrup
thermionic amplifier of the type described by Cherry,14 a
Leeds and Northrup type K potentiometer, and sensitive
galvanometer. The micro-buret used in the titrations
could be read to 0.01 ml. with accuracy. The metal chlo-
ride solutions were prepared from J. T. Baker analyzed solu-
tions and were standardized by titration with standard silver
nitrate with fluorescein as indicator. The glutamic and
aspartic acids were recrystallized several times from water
and dried.

(12) A. Weissberger, “Physical Methods of Organic Chemistry,”
Vol. 11, Interscience Publishers, Inc., New York, N. Y., 1946, p. 1058.

(13) T. Shedlovsky and D. A. Maelnnes, J. Am. Chem. Soc., 58, 1970
(1936).

(14) R. H. Cherry, Trans. Eleclrochem. Soc., 72, 33 (1937).
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Experimental Results

The pH was measured with the cell Ag, AgCl/0.1
M HCl/glass membrane/unknown solution/AgCl,
Ag. This substitution of a glass electrode for the
usual hydrogen electrode, resulted in greater stabil-
ity and speed of measurement. The calibration of
the glass electrode was carried out with experi-
mental solutions by comparing the e.m.f. of the
above cell with the following cell: Pt, H2Zunknown
solution/AgCl, Ag. Two glass electrodes, used
simultaneously in subsequent measurements, were
calibrated in this manner and checked from time to
time. By means of the calibration curves prepared
from these data, the glass electrode measurements
were converted to hydrogen electrode readings.
Thus, the pH values measured in the present work
may be defined as: pH = (1/0.05915) [Em —
(E° — 0.05915 log /cwC'ci-)], where Em is the
measured potential, E°® is the standard potential of
the silver-silver chloride electrode, and/ and C rep-
resent activity coefficient and molar concentration,
respectively.

In each titration curve obtained as outlined
above, between 50 and 100 increments of standard
hydrochloric acid were added. For the two glass
electrodes employed, this involved an average of 150
potential readings for each run. In view of the
fact that six runs were needed for each of the two
amino acids, and that duplicate runs were made in
each case, over 3000 measurements were made.
The sample measurements given in Table I, repre-
senting only a very small fraction of the data, are
selected near N = 0.5, the most significant region

for the calculation of stability constants. When
Table |
POTENTIOMETRIC MEASUREMENTS

Amino HCI, Em,

acidu M R ml. Nc mv.

G None 0.09 3.20 0.494 -159.6
G None .09 3.50 .582 -151.0
G Mg++ 12 3.05 451 -142.8
G Mg++ 12 3.46 571 -131.4
G Ca++ 12 3.01 515 -152.0
G Ca~+ .13 3.23 504 -141.2
G Sr++ 12 3.26 512 -153.3
G Sr++ 12 3.10 465 -146.2
G Ba++ 12 3.41 557 -139.6
G Ba++ 12 3.36 .542 -139.7
G Cd++ 12 3.07 476 - 28.6
G Cd ++ 12 3.C4 .468 - 29.5
A Noue .09 3.65 .526 -147.5
A None .09 3.75 .558 -145.2
A Mg++ .12 3.50 482 -108.1
A Mg++ 12 3.55 494 -105.2
A Ca++ .13 3.71 544 -133.3
A Ca++ .13 3.72 .546 -131.2
A Sr++ 12 3.45 466 -142.0
A Sr++ 12 3.40 451 -146.5
A Ba++ 12 3.52 .486 -149.3
A Ba++ .12 3.51 .484 -145.2
A Cd++ 12 3.50 .482 + 1.6
A Cd++ 12 3.30 418 + 5.6

“ G = glutamic acid, A = aspartic acid; amino acid was
0.00300 M in all cases. 6 Concentration of bivalent metal
was always 0.0300 M. c¢cN = moles of acid added per mole
of amino acid present.
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the pH is plotted vs. N for aspartic acid to give the
usual type of titration curve, the alkaline earth ti-
tration curves appear to be barely resolvable from
that of the free acid. However, the relative posi-
tions of the lines are readily apparent in the large
scale plot given in Fig. 1. No curves are presented
for glutamic acid since the curves are similar to
those of aspartic acid, with the exception that the
pH values of corresponding points are somewhat
higher.

N.

Fig. 1.— Magnified portion of potentiometric titration of
aspartic acid in the presence of metal ions: 1, free aspartic
acid; 2, BaCk; 3, SrCh; 4, CaCl2;, 5 MgCl2, 6, CdCl2
Madjusted to 1.2 with potassium chloride. N = moles of
acid added per mole of amino acid salt.

Calculations

The three acid dissociation constants of glutamic
and aspartic acids may be defined by the equations

HaA+ H2A + H+ (Hu®H2)
(HaA+)
HoA HA-+ H+ . _ (H+XHA-) @
2 (H2A)
_ (H+XA-2
HA- A-2 + H+ (HA-) 3)

where H2A represents aspartic and glutamic acids,
and ( ) represents activities of the species in-
volved. It is apparent from the titration curves
that the first two reactions overlap, and that the
calculations of kxand f2 must be made simultane-
ously from data in the lower buffer region of the
acid titration curves (not shown). If Csrepresents
the total molar concentration of amino acid species,
it follows that at low pH, Cs = Ch&a++ Cha +
Cha-, and NCs = Cs+ + Cha- + 2ChiA +
3Ch&a+ When these relationships are combined
with equations 1 and 2, with the substitution of
molar concentrations in place of activities for the
amino acid species, the following relationship is ob-
tained

1 (HHACHV - 3) - (VI
h  (@7@- N)+V
(HH)[C,(A —2) — V~]
0,1 —N) + V
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Equation 4 may be solved directly near N = 2 un-
der conditions whereby the difference between
concentration and activity of hydrogen ion is rela-
tively unimportant compared to C., since the meas-
ured pH values were used for both Ch+ and (H+).
The constants k\ and k2 were then obtained alge-
braically by using sets of data corresponding to dif-
ferent values of N. The dissociation constants
thus calculated are the so-called “hybrid” concen-
tration constants involving hydrogen ion activities.

In the calculation of the third acid dissociation
constant, the stoichiometric relationships are:
Ca = Cha- + Ca-=>and NCa = Cha- — Coir-
From these relationships it is possible to determine
the values of Cha- and Ca-* directly since Coh- is
very small compared to the other quantities, and it
is possible to substitute the approximate quantity
TON(H +) in its place. The resulting dissociation
constant is also a hybrid constant in which activi-
ties of amino acid species in equation 3 are replaced
by molar concentrations.

If it is assumed that only 1:1 metal chelates are
formed, the relationships for the calculation of sta-
bility constants are relatively simple. The che-
lates involving more than one ligand per metal ion
may be ruled out in view of the large excess of
metal ion. Also, chelates of the type MHA+ may
be ruled out since all the measurements were made
at pH values much higher than those at which
proton complexes of amino acids usually occur.
Thus in the presence of excess metal ion it is pos-
sible to set up the relationships

Ca-> = [NCa+ (OH-W (H+)
CMa = C.- [1L+ V(H+)]J[AC. + (OH>-)], and
Cm+! = Cmo+! — Cma

where Cm« and Cma represent concentrations of
metal ion and metal chelate, respectively, and
cm,” represents the total of the concentrations of
metal species, and the other terms have the same
definitions as are given above. Calculations of
C\-l, Cma and cm «, by means of these equations
allow the direct calculation of the concentration
equilibrium constant /g for the formation of the
metal chelate, MA. Inspection of these equations
raises the question of the effect of employing pH for
(H+) on the calculated result. This difficulty is
overcome if the hybrid constant described above is
used for IB3since this quantity contains a pH term
which cancels out, leaving only concentration terms
in the equations. The approximation introduced
by substituting AW(H +) for con- becomes negli-
gible under the experimental conditions employed
where con- is small compared with NC,,.

Discussion of Results

Acid Dissociation Constants.—In Table Il are
listed the ionization constants, expressed in pk
units, obtained :n this investigation as well as the
values obtained by previous investigators. The
values in parentheses have been corrected to zero
ionic strength by the method described by Neuber-
ger.¥ The pk2 and pk3 values for glutamic and
aspartic acids obtained in this research agree well
with the results of Miyamoto and Schmidt2and of
Neuberger.’6 There is also good agreement of our

(15) A. Neuberger, Siochem. J 30, part 2, 2085 (1936).
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corrected values of pfc2and pk3for aspartic acid with
those of Batchelder and Schmidt.3 The values of
pki are the least accurate because of the high hydro-
gen ion concentrations involved, and the results
show somewhat less agreement in this case. In the
measurement of interactions of these amino acids
with metal ions, the value of pki fortunately only
seldom enters into the calculations. As it turned
out, both ki and f2were eliminated from the calcu-
lation of stability constants of alkaline earth and
Cd+2 ions in the present investigation because of
the relatively high pH values necessary for appre-
ciable interaction to occur. The relative values of
the dissociation constants listed for glutamic and
aspartic acids are in general what would be expected
from the structural differences of these two amino
acids.

Table Il
lonization Constants of Glutamic and Aspartic Acids
at 25°
Glutamic acid Aspartic acid
pki pk 2 p/a pki pki pki
Present investi- 2.30 4.28 9.67 1.94 3.70 9.62

gation 2.30* 451" 9.95° 1.94° 3.90° 9.90“
Schmidt, Kirk,

Applemani6 2.10 4.07 9.47 1.91 3.63 9.47
HarrisT? 2.18 4.39 9.80 2.08 3.82 9.80
Miyamoto and

Schmidt2 2.19 4.25 9.67 1.88 3.65 9.60
Neubergeris 2.155° 4.324° 9.960°
Batchelder and

Schmidt3 2.015 3.8905 9.842f

“ Corrected to zero ionic strength by the method of Neu-
berger.’5 5Zero ionic strength.

Chelate Stability Constants.—The calculated
values of the 1:1 chelate stability constants of the
alkaline earth ions listed in Table 111 indicate defi-
nite, though weak, interactions which vary in a
regular manner, the stabilities increasing with de-
creasing basicity of the metal ion. In cases where
chelates are primarily ionic in nature, it has been
pointed out by Martell and CalvinBthat straight
line correlation with the reciprocal of the radius of
the gaseous ions is generally to be expected for metal
ions of the same charge. In Fig. 2 the chelate
stabilities (pki values) are seen to vary in a linear@#

Table Il
Chelate Stability Constants at 25°
log kr

Metal Glutamic Aspartic Succinic

ion acid acid Glycine acid
Mg+2 1.9 2.43 1.0*
Ca+2 1.43 1.60 IMS6 1.0/
Sr+2 1.37 1.48 0.9/
Ba+2 1.28 1.14 0.86 1.0”
Ra+2 0.86“ 1.0¢
cd+2 3.9 4.39 4.5

n = 0.1 unless otherwise stated. “ Reported by Schubert,
etal.,7m= 0. 5Reported by Monk,9b = 0. e Estimated
from Albert.8 dCalculated from Simms,19 ii = 0.07.
' Reported by Joseph,Dp = 0.15. 1Reported by Schubert,6
m = 0.16.

(16) C. Schmidt, P. Kirk and W. Appleman, J. Biol. Chem., 88, 285
(1930).

(17) L. Harris, Proc. Roy. Soc. (London), 95B, 440 (1923).

(18) A. E. Martell and M. Calvin, "Chemistry of the Metal Chelate
Compounds,” Prentice-Hall, Inc., New York, N. Y., 1952, Chap. 5.

(19) H. Simms, T his Journal, 32, 1121 (1928).

(20) N. Joseph, J. Biol. Chem., 164, 529 (1940).
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Fig. 2.— Correlation of stability constants with reciprocal
of ionic radius: = represents aspartic acid and O represents
glutamic acid chelates.

fashion with the reciprocal of the ionic radius. It
is further seen that the stability of the radium chel-
ate, determined by Schubert, etal,,7by ion exchange
measurements, correlate well with our results for
the remaining alkaline earths. The value shown is
slightly low since it was not corrected for ionization
of aspartic acid. Correction to a slightly higher
value apparently would improve the agreement.
A similar correlation for the alkaline earth chelates
of citric acid has been pointed out by Schubert,
et al.1 A correlation between chelate stability and
the second ionization potential of the metal ion for
transition metals has been noted by Calvin and
Melchior.13 An analogous correlation of chelate
stability constants with the sum of the first and
second ionization potentials for the alkaline earth
metals has been pointed out by Schwarzenbach,
et al.n Such correlations in the case of the alka-
line earths amount to the same as that observed in
Fig. 2, in view of the linear relationship between
the reciprocal radius and sum of the ionization po-
tentials for these metals. The comparisons pointed
out by Calvin and Schwarzenbach are quite similar
since the first ionization potential is nearly constant
for the transition metals in question.

The difference in the slopes of the aspartate and
glutamate lines in Fig. 2 is interesting since it is a
reflection of the fact that the aspartate ion has the
higher affinity for the less basic metal ions, while
the glutamate ion is more effective than the aspar-
tate in complexing the more basic metal ions. Thus
it may be concluded that for most divalent metal
ions, binding with aspartate wall be greater than
with glutamate, the differences decreasing with in-
creasing basicity, and with a reversal in the effect
for barium. As basicity increases beyond that

. (21) G. schwarzenbach, H. Ackerraann and P. Ruckstuhl, Helv.
Chim. Acta, 32, 1175 (1949)
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point, it appears that the glutamate ion is increas-
ingly more efficient. The seemingly anomalous
position of the Cd+2ion in Fig. 2 is merely a result
of the fact that the type of chemical binding in this
chelate is of a much higher order—involving more
energy and an appreciably larger homopolar com-
ponent than is the case for the alkaline earths.

A clearer picture of the structure of the aspartate
and glutamate chelates is possible on the basis of the
relative stabilities of other metal chelates listed in
Table I11. It is seen that the stability constants
are reasonably close to those listed for the glyeinate
ion. The values are not only much higher than
those of the succinate ion, but also behave in a dif-
ferent manner, the alkaline earth succinate chel-
ates having approximate constant stability for the
series magnesium through radium. Hence, it is
possible to rule out participation of the second car-

Cg\ \

|
-OOCCHj—CH /

\ nh,

M(Ho(

I, Aspartate chelate

-OOCCHoCIlb—CH /
n'NH2

Il, Glutamate chelate

boxylate ion in the binding of the metal ion, and it
appears that structures | and |1, analogous to the
glycine chelates, are the most likely.

It is noteworthy that although the additional
carboxylate ion is probably not involved in the
metal chelate bonds, it has an indirect influence on
the stability of the chelate ring. The generally
greater stability of the aspartate chelates indicates
that the inductive effect of the negative carboxylate
group in | lends stability to the structure (i.e.,
increases basicity of the donor groups toward the
metal ion). From the data available, it is not pos-
sible to determine if the weaker inductive effect of
the analogous group in Il has any appreciable in-
fluence on the stability of the chelate. In a recent
publication Chaberek and Martell2 suggested that
aspartic acid is tridentate with respect to the first-
row transition metal ions. This is apparently not
the case with the alkaline earth and cadmium ions.

Acknowledgment.—The authors are indebted to
Dr. S. Chaberek, Jr., for assistance in checking the
calculations.

(22) S Chaberek, Jr., and A. E. Martell, J. Am. Chem. Soc., 74, 6021
(1952).
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The interactions of colored metal chelates of ethylenediaminetetraacetic acid with various metal ions were determined by

a direct spectrophotometric method in nitrate and' perchlorate media.

Under conditions such that the metal chelates are

not appreciably dissociated and the chelate containing one metal ion per ligand was the important form, the measurements

allowed calculation of the relative stability constants of the metal chelates investigated.

The dissociation of the nickel(ll)-

ethylenediaminetetraacetate chelate was followed spectrophotometrically, the absolute value of the stability constant of this

chelate was calculated, and the relative values for the other metals were converted to absolute stability constants.

Studies

were also made of the effect of ionic strength on the stabilities of the chelate compounds.

Although it is not possible to evaluate directly
from potentiometric measurements of pH, the very
large chelate stability constants for the transition
and heavy metal ethylenediaminetetraacetates, a
number of indirect methods have been developed
in recent years. Schwarzenbach and Freitagl de-
termined potentiometrically the position of the
equilibrium in a system containing magnesium
and transition metal chelates of /3/3,]8,,-triamino-
triethylamine and ethylenediaminetetraacetic acid.
Also, the equilibrium between the ferrous and ferric
chelates, determined by an oxidation-reduction
method by Schwarzenbach and Heller,2 and by a
polarographic method by Ivolthoff and Auerbach3
has been useful in the calculation of chelate sta-
bility constants. Perhaps the most unusual method
is that of Jones and Long,&Bwherein the kinetics of
exchange of ferric ion with the ferric ethylenedi-
aminetetraacetate chelate was studied. Extrapo-
lation to zero time made possible the calculation
of the concentration of free ferric ions, and, from
this quantity, the chelate stability constant.

In recent publications,66 a direct spectrophoto-
metric method for the determination of relative
stabilities of transition and rare earth metal che-
lates of ethylenediaminetetraacetic acid has been
described in principle. However, the buffering
agents employed to control pH also formed weak
complexes with the metals being investigated.
This method has now been investigated for solu-
tions with no interfering buffers, and with an ionic
atmosphere controlled with nitrates or perchlo-
rates. Further, the relative chelate stability con-
stants thus obtained have been placed on an abso-
lute basis by spectrophotometric measurement of
the degree of dissociation of the nickel chelate in
sufficiently acidic solutions. The effect of ionic
strength on the relative stability constants also was
investigated.

Experimental Part

Materials and Equipment.— Absorption measurements
were made with a Beckman model DU quartz spectropho-
tometer with 10.003-cm. cells. A Beckman Model G pH
meter with extension electrodes was used to measure pH.

(1) 6. Schwarzenbach and E. Freitag, HeU. Chim. Acta, 34, 1503
(1951)

(2) G. Schwarzenbach and J. Heller, ibid., 34, 576 (1951).

(3) I. M. Kolthoff and C. Auerbach, J. Am. Chem. Soc., 74, 1452
(1952)

(4) S. S. Jones and F. A. Long, This Journat, 56, 25 (1952).

(5) R. C. Plumb, A. E. Martell and F. C. Bersworth, ibid., 54, 1208
(1950).

(6) A. E; Martell nnri tl. ft Plumb, ibid., 56, 993 (1952),

It was calibrated with standard acetate buffer according to
the method of Michaelis.7

The ethylenediaminetetraacetic acid employed was fur-
nished through the courtesy of the Bersworth Chemical
Company, Framingham, Mass., and was further purified
by two successive recrystallizations from water. The
metal nitrates were Baker’'s Analyzed and Mallinckrodt
C.p. products. The metal perchlorates were prepared
from the corresponding nitrates by precipitation as the
metal hydroxide which was then washed by decantation
with distilled water until free of soluble salts. The product
was then dissolved in perchloric acid and the pH was ad-
justed to between 4.0 and 4.5 with perchloric acid. The
metal salts were standardized by a metal chelate titration
developed by Martell and Jones.8

The potassium nitrate, potassium perchlorate and per-
chloric acid were J. T. Baker Analyzed grade reagents.
The label analysis listed maximum impurities to be less than
0.02% in each case. Carbonate-free potassium hydroxide
was prepared by a modification of the method of Schwarzen-
bach and Biedermann.9 A 0.1 M potassium chloride solu-
tion was allowed to react with two successive batches of
silver oxide over an extended period of time with occasional
shaking. The resulting potassium hydroxide solution con-
tained no detectable amount of chloride ion.

All solutions were brought to equilibrium in a constant
temperature bath at 30° before absorption measurements
were made. The temperature of the absorption ceil in the
spectrophotometer was found to remain at 30 + 1°.

The metal complex was prepared by mixing solutions of
the metal nitrate and the potassium salt of the complexing
agent, and the pH of the resulting solution was adjusted to
4.5,

For the determination of relative stability constants,
solutions were made up which contained equimolar amounts
of each of two metal ions and of the dipotassium salt of ethyl-
enediaminetetraacetic acid. The pH of the resulting solu-
tion was considerably lower than the solutions used because of
displacement of hydrogen ions from the complexing anion.
These conditions were employed because it was found that
equilibrium was obtained relatively rapidly at low pH,
whereas a similar solution prepared in the pH range 4-5 re-
quired in certain cases a number of days before equilibrium
was reached. . After the acid solution had been allowed to
remain in the constant temperature bath for a few hours,
the pH and ionic strength were adjusted to the desired
values. The solutions were checked for equilibrium by de-
termination of absorption over a period of time at various
concentrations. All mixtures were found to have reached
equilibrium after standing in the constant temperature bath
overnight.

The Cu(11)-Pb(ll), Ni(l1)-Pb(l1l1) and Cu(ll)-Ni(ll)
systems were studied as a function of ionic strength in po-
tassium perchlorate while the first two were also studied in
potassium nitrate.

Calculation of Relative Stabilities.— The solutions of the
metal nitrates and perchlorates, the metal complexes, and
mixtures of two metal salts with the complex of one of them,

(7) L. Michaelis, “Physical Methods of Organic Chemistry,”
Vol. I, second edition. Interscience Publishers, Inc., New York, N. Y.,
1950, p. 1727.

(8) L. A. Jones, Thesis, Clark University (1952),

(9) G, Schwarzenbach and W. Biedermann, Heh. Chim. Acta, 31, 330
(1948),
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at equilibrium, were all found to obey Beer’s law. Hence,
the optical density of a mixture in terms of its components
may be expressed by

D —eel + e'c'l + eacal + ejcjl (1)

where ¢ and c¢' are the concentrations of uncomplexed metal
ions M and M ', while caand ca' are the concentrations of the
corresponding metal complexes, e represents the correspond-
ing extinction coefficient, and | is the length of the light path.

Since it has been shown1610 that, under the reaction con-
ditions employed, only the 1:1 metal chelates of ethylene-
diaminetetraacetic acid need be considered, the equilibrium
constant may be expressed by

[MY] [M'J Gy X c'
0 [M'Y] [M] Cy X ¢ (>
where [] represents molar concentration, H4Y represents

ethylenediaminetetraacetic acid and M represents the
metal ion. lonic charges are omitted for convenience. It
is apparent that Kc = K/K', the ratio of the equilibrium

formation constants of the respective metal chelates. The
total concentrations of metal species, Cm and Cm’', and of
the complexing agent, Cy, are also known, hence
Cm —c -{ QG (3)
Cm' = Cc' + Ca 4)
Cy = Ga-f Ca (5)

Equations (1), (3), (4) and (5) are sufficient to calculate the
only four unknowns, ¢, ¢', eaand ca’, from the experimental
measurement of optical density at one wave length. These
quantities were then used to calculate Kc from equation (2).
The values of e, e', eaand ea' were obtained from absorption
measurements on the pure substances.

Absolute Stability Constants.— In strongly acid solutions
the summation of the major forms of ethylenediaminetetra-
acetic acid present under the reaction conditions may be ex-
pressed by

SY = [HA&] + [H3Y -1] + [HjY-»] =

* [H+P
Y,
DT Nfaki * Bikiki o wa, )

where k,t ki, k3 and fo4 are the successive acid dissociation
constants of H4y . If this equation is solved for [Y -4] and
substituted into equation (3), the expression for the forma-
tion constant becomes

[MYJJH*]* (1 + E 3 + E T)

K [M](fafcd2Y ™

The dissociation constants k,, ki, k3 and kt have been de-
termined previously by a number of workers.11-13 The
values given by Carini and Martell, ki = 4.3 X 10-3, fe =
1.6 X 10-3, k3 = 5.6 X 10-7 and kt = 1.8 X 10-10, were
used in the calculations. These values introduced some
error since they were obtained at 25° and in 0.1 M KC1
solution. The values listed above required correction for
hydrogen ion activity, assuming that the value reported by
Harned and Hamerl4for HC1 in KC1,y+* = 0.781 holds for
hydrogen ion. Thus the “hybrid” constants were con-
verted to the “concentration constants” needed in the
present investigation.

Equation (7) was applied to the nickel(ll) and copper(ll)
chelates. Appreciable dissociation was found to occur
only when the hydrogen ion concentration was greater than
0.01 M. Solutions of the metal chelates, initially at ionic
strength of 0.1, were diluted with various quantities of 0.1
M potassium perchlorate and 0.1 M perchloric acid. The
optical density was then taken at four wave lengths, and the
concentrations of the metal complex and free metal ion were
calculated with the previously-measured values of extinction
coefficients of these substances. The extinction coefficients

(10) See also a similar conclusion for the Nd(IIl) chelate by T.
Moeller and Brantley, J. Am. Chem. Soc., 72, 5447 (1950).

(11) F. Carini and A. E. Martell, ibid., 74, 5745 (1952).

(12) G. Schwarzenbach and H. Ackermann, Helv. Chim. Acta, 30,
1798 (1947).

(13) M. J. Cabell, A. E. R. E. Report C/R813, Ministry of Supply,
Harwell, Berks., England, 1951.

(14) Hi Harned and W. Hamer, Amt Ghemt8oct>55, 2194 (1933)»
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of the metals and metal chelates were checked as a function
of pH before being used in the more acid region. Neither
the metals nor the metal complexes showed any change in
absorption spectra from pH 7 to the point where dissociation
began.

Experimental Results

Relative Stabilities.— Absorptions of the free
metal ions and metal complexes were measured for
copper(ll), nickel(ll) and cobalt(ll), respectively.
In all cases strict adherence to Beer's law was
observed in the spectral region from 400 to 1000
mp. The corresponding extinction coefficients
were then employed in the calculation of the con-
centration of the species present in the equilibrium
mixtures of metal pairs and ligand. The copper-
(1) complex was most useful for this purpose be-
cause of its intense absorption band at 700 mp.
However, in many cases it was necessary to em-
ploy the weaker cobalt(ll) bands, since the very
stable copper(ll) and nickel(lIl) complexes do not
interact sufficiently with certain metal ions.

Data for the system copper(ll)-nickel(ll)-
copper(ll) complex-nickel(ll) complex, and for
the system copper(ll)-lead(ll)-copper(ll) com-
plex and lead(ll) complex are shown in graphic
form in Fig. 1 It is not possible to present data
obtained for mixtures in the form used for solutions
containing a single species. Therefore a “formal”
extinction coefficient, em defined as follows, was
employed

em = D/VSci

where

D
|
Sci

optica] density

length of light path

total concentration of one of the colored metal ions in
both the complexed and uncomplexed forms

In the first region of Fig. 1, A 700-760 mp, the
copper(ll) complex shows its maximum absorption,
while neither nickel(l1), lead(ll) ions, or the corre-
sponding complexes, show any appreciable absorp-
tion. The formal extinction coefficient in this case
is based on the total Cu(ll) concentration. On a
qualitative basis, these data indicate that the
nickel(ll) chelate is more stable than that of lead-

Fig. 1.— Formal extinction coefficient referred to the total
Cu(ll) concentration: (A) Cu(l1)-Pb(11)-EDTA acid in
the ratio 1:1:1; (B) Cu(ll)-Ni(lIlI)-EDTA acid, 1:1:1;
(C) Cu(I)-Ni(II)-EDTA acid, 1:2:1; (D) Cu(ll1)-Pb(lIl)-
FRTA acid, 2:3:1.
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(I1), since it displaces more copper(ll) from the
copper(ll) complex, as evidenced by a greater
lowering of the formal extinction coefficient of the
copper species present. In the second region of
Fig. 1, where the nickel(ll) complex absorbs as
strongly as the copper(ll) complex, the relative
stabilities are not apparent from absorption data.
In this case various ratios of CuY/NiY give ap-
proximately the same optical density.

In Fig. 2, data are given for mixed complex sys-
tems of nickel(ll)-zinc(ll), nickel(ll)-lead(11),
and nickel(ll)-cadmium(ll), the formal extinction
coefficients being calculated on the basis of total
nickel content. The relative stabilities of the metal
complexes for these metals is readily seen to be
lead(I1) >> zinc(Il) > cadmium(ll).

X

2.— Format extinction coefficient referred to total
Ni(ll) ion concentration: (A) Ni(ll)-Cd(I1)-EDTA in
ratio of 1:2:1; (B) Ni(ll1)-Zn(I1)-EDTA, of 1:2:1; (C)
Ni(11)-Pb(I11)-EDTA, of 1:1:1; (D) Ni(I1)-Pb(ll)-
EDTA, of 2:3:2.

Fig.

Not shown are the formal extinction coefficients
based on the total Co(ll) concentration after
equilibration of the cobalt(ll) complex with vari-
ous proportions of lead(ll), cadmium(ll) and zinc-
(I1) ions. Although the relationships were not as
clear in this case, a visual comparison of the curves
at 460 nrY, the cobalt complex maximum, indicated
an increase in the interactions in the order cadmium-
ill) < zinc(ll) < lead(ll).

The results of the calculations of Kc by the
method outlined above are listed in Table I. The
relative stabilities at 30° in 0.1 M KN O03of the 1:1
ethylenediaminetetraacetate chelates are: Cu(ll)
> Ni(ll) > Pb(ll) > Co(Il1) > Zn(11) > Cd(Il).

Tabite |

Stability Constant Ratios in Potassium Nitrate

m=0.1 t= ~30°

Ratio log Ko Ratio log Ko
CuY/NiY 0.315 +0.02 CoY/ZnY 0.07 £+0.01
NiY/PbY 0.71 = .02 CoY/CdY 0.30 .07
CuY/PbY 0.83 + .03 NiY/CdY 2.46 £+ .06
NiY/ZnY 2.20 = .03 PbY/CoY 2

Effect of lonic Strength.—The effects of decrease
in ionic strength are given in graphic form in Figs.
3 and 4. In Fig. 3 it is seen that the ratio of sta-
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Fig. 3.— Ko for the ratio of Cu(l1)-EDTA to Pb(ll)-
EDTA ions in potassium nitrate and potassium perchlorate
at 30°.

Fig. 4.— Upper graph, KOfor the ratio Ni(lIl1)-EDTA to
Pb(11)-EDTA ions in potassium nitrate and potassium per-
chlorate; lower graph, KO for the ratio of the Cu(ll)-
EDTA to Ni(ll)-EDTA ions in potassium perchlorate.

bilities of copper(ll) to lead(ll) chelates decreases
sharply as the ionic strength of the potassium
nitrate medium decreases. There is a somewhat
less rapid decrease of stability constant ratio in
potassium perchlorate solution. Both curves seem
to approach the same value in dilute solutions, in-
dicating a thermodynamic ratio of 2.3:1 at infinite
dilution. The nickel(ll)-lead(ll) ratios in Fig. 4
show little change over the range of ionic strengths
studied in both media. At lower ionic strengths,
however, it seems that the ratios in potassium ni-
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trate probably break sharply and become equal to
the potassium perchlorate value at infinite dilution.
The copper(ll)-nickel(lIl) ratio in perchlorate
solution, also shown in Fig. 4, has a definite slope
analogous to that of the copper(ll)-lead(ll) sys-
tem.

Absolute Stability Constants.—The results ob-
tained for the stepwise dissociation of the nickel (11)
complex at low pH are given graphically in Fig. 5.
It is seen that as the hydrogen ion concentration is
increased the intensity of absorption is greatly
decreased, but the shape of the absorption band
remains the same. The absolute stability con-
stant for the NiY complex was calculated by the
method outlined above, and from this the absolute
stability constants were evaluated. The results are
given in Table II.

Tabie Il

M etal Chelate Formation Constants

log k

bgd”lP iN0.1 m
Metal log k Remarks Sdmg11$20°
Ni 17.5 Reference value 18.45
Perchlorate sol.
17.5 Nitrate sol.
Cu 17.8 Perchlorate sol. 18.34
17.7 Nitrate sol.
Pb 17.2 Perchlorate sol. 18.2
16.8 Nitrate sol.
Reference value
Co 15.4 Perchlorate sol.
15.4 Nitrate sol. 16.1
Zn 15.3 Perchlorate sol.
15.3 Nitrate sol. 16.2
cd 15.0 Perchlorate sol.
15.0 Nitrate sol. 16.5

The dissociation of the copper(ll) complex at
low pH was also investigated. It may be seen that
as the hydrogen ion concentration is increased, the
curve ‘shifts from its original shape. The maxi-
mum becomes broader at 700-760 m/t, and above
900 m/x the formal extinction coefficient rises above
that of the normal complex. Apparently, there-
fore, one or more additional complex forms are
present at low pH values. These may be hydrogen
complexes similar to that described by Schwarzen-
bach and Heller2 for the ferrous ethylenediamine-
tetraacetate complex.

Discussion

As a check on the self-consistency of the sta-
bility constant ratios, a series of interrelation tests
were made by calculation of one ratio from two
others involving a common metal. Thus the cop-
per(I1)-nickel(Il) ratio is obtained by dividing
the copper(ll)-lead(ll) ratio by the nickel(ll)-
lead(ll) ratio. Results of such comparisons, given
in Table 111, show that the relative stabilities cal-
culated by both the direct and indirect methods
agree quite well. These results indicate that the
spectrophotometric method is at least as sensitive
as other methods previously employed for the de-
termination of stabilities of transition metal-ethyl-
enediaminetetraacetate chelates.
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Fig. 5.— (A) Extinction coefficient of Ni(ll) chelate at
pH 4.5. Formal extinction coefficients of Ni (Il1) chelate in
(B) 0.009 M HCIO4 (C) 0.018 M HC104and (D) 0.025 M
HC104

Tabite Il

Relative Stabilities Calculated by Direct and Indi-

rect Methods

Direct Indirect log K log K
ratio ratio (direct) (indirect) Conditions
Cu Ni fi = 0.1
Cu/Pb Ni Pb 0.63 0.55 Kciod
Cu Ni
Cu/Pb . 0.38 0.37 R =0
Ni 'Pb
) Cu /Ni A= 01
0.29 . .
Cu/Ni Pb./ Pb 0.37 K C104
CulNi Cu/Ni 037 038 M
Pby’ Pb ' ' -0
A Cu /Cu R = 01
Ni/P .34 .2
ilPb Pb/ Ni 0.3 0.26 K C104
A Cu /Cu
Ni/Pb . 0.27 0.26 » =0
Pb/' Ni
. Ni Co/ Co B = 01
Ni/Cd 2.45 2.43
! Zn'Cd/ zZn KNO3
Cu /Ni =
Cu/Ni . 0.18 0.31 s 01
Pb/' Pb kno3

The sharp drop in the relative stabilities of the
copper(ll) to lead(ll) chelates in potassium ni-
trate as the ionic strength is decreased indicates
the possibility of nitrate complexing. This idea
is strengthened by the much lower slope for the
same relative stabilities in potassium perchlorate
solution, since the perchlorate ion is generally as-
sumed not to form complexes with most bivalent
metal ions. If consideration is restricted to the
first nitrate complex of copper(ll) and lead(ll)
ions, the corresponding formation constants Kcu
and Apb may be substituted into equation (2) to
give

fcuY- (I + Apb[NO03-]) ®)
[PbY] (I + Acu[NO3])
where SPb and SCu represent [Pb+2] + [PbNO03+]
and [Cu+2] + [CuNO3+], respectively. These are

the values obtained experimentally for the free
metal ion. If it is assumed that there is no com-
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plexing by perchlorate ion, K'c can be evaluated
from the Kc value obtained at the same ionic
strength hi perchlorate solution. Hence, for the
nitrate solutions

K' - V 1+ Ah-INO,- 9
¢ acj + X Pb[NO»- ©)

This relationship may be rearranged to the linear
form
Kp> i ric*+

Tt[NOI-] (10)

Substitution of experimental values of Ke, K'c and
[NO03~] into this equation should give a series of
straight lines intersecting at the common solutions
for Kcu and K?b. However, examination of the
form of equation (9) indicates that the method is
insensitive when the constants and nitrate concen-
tration are smah, since this would make the second
term in both the numerator and denominator of the
fraction small compared to unity. The equation
is also insensitive when the nitrate complexing con-
stants are nearly the same. Both sets of condi-
tions apply in the present instance. Further, in
order to solve (9) it was necessary to use data at
very low nitrate concentration. The constants
thus calculated varied by 50% and were several
times the magnitude usually accepted for the metal
ions investigated. On the other hand, the ratio
of nitrate complexity constants determined from
the data at 0.1 M nitrate concentration gives the
ratio ofinitrate complex formation constants as
6:3:2 for PbNO3+:CuNO3+: NiNO3+. It is be-

Fig. 6.— Chelate stability constants and ionization poten-
tial, as a function of atomic number. Solid lines: (A) log
kik2 of acetylacetone, (B) log kik2 of ethylenediamine, and
(C) log K of ethylenediaminetetraacetic acid chelates.
Dotted line: second ionization potential (272.
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lieved that these relative values are fairly accurate.
Although the measurement of the interaction of
metals with nitrate ion is not the primary purpose
of this research, it seems that evaluation of the
absolute magnitude of the equilibrium constants
would be possible by extension of the measurements
to higher nitrate concentration.

The values of the absolute stability constants
reported in Table Il for nitrate solution were cal-
culated from the measured relative stabilities and
the absolute constant for the lead(ll) nitrate com-
plex calculated by the equation

K'M= A« (1 + Amno, [NO ,-])

where Kk 'm is the constant determined in perchlo-
rate solution, Km is the constant determined in ni-
trate solution without correcting for nitrate com-
plexing, and AlmnOs was assumed to be 15, the
value reported by Harned and Owenl as the ni-
trate complex formation constant for lead(ll) at
25° and 0.1 ji. Thus, the values reported in Table
11 for nitrate solution are uncorrected values, which
may be employed directly to calculate metal ion
concentrations in 0.1 M nitrate solution.

The perchlorate constants listed in Table Il for
Co(ll), Zn(Il) and Co(ll) were calculated on the
assumption that the ratios for these metals in per-
chlorate solution are the same as in nitrate solution.
This assumption is justified by the form of equation
(9) and the small nitrate complexity constants for
these metals.

The effect of ionic strength on the stability con-
stant ratios in perchlorate solution must ultimately
be resolved in terms of the activity coefficients of
the species involved, and so it would be well to con-
sider the similarities and dissimilarities of the corre-
sponding molecular structures. In the case of
nickel and lead, the activity coefficients of the two
metal ions would be expected to show about the
same dependence on ionic strength. Thus, the
ratio should be close to unity. The two complexes
are probably hexadentate, and thus completely en-
closed by the complexing anion. Since the struc-
tures and the charges are so similar, we might ex-
pect the activity coefficient ratio to remain close
to unity. The over-all effect would then be small,
and this is apparently the case experimentally.

The marked dependence on ionic strength of the
copper(ll)-lead(ll) and copper(ll)-nickel(Il) sys-
tems is interesting in view of the fact that the metal
ions involved are of the same valence type. A simi-
lar system,16 copper(ll) and nickel(ll) sulfate, ac-
tually shows exactly the same dependence on ionic
strength up to 0.7 molal. In each case one entity,
the lead(ll) or the nickel(ll) complex, is hexa-
dentate, while the copper(ll) complex is square
planar. A structural difference of this type would
be expected to give rise to appreciable differences
in the activity coefficient, except in an infinitely
dilute solution.

Much of the discrepancy between stability con-
stants obtained in this investigation and those re-
ported by Schwarzenbach and Freitaglis due to the

(15) H. Harned and B. Owen, “The Physical Chemistry of Electro-
lytic Solutions,” second edition, Reinhold Publ. Corp., New York,

N. Y.f1950, p. 147.
(16) See reference 15, p. 427.
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difference in the value employed for the fourth
dissociation constant, fo4, of ethylenediaminetetra-
acetic acid. The insertion of Sehwarzenbach'’s
value of ki into equation (7) brings our results into
better agreement with his: Ni, 13.0; Cu, 18.3;
Pb, 17.7; Co, 15.9; Zn, 15.8; and Cd, 155. It
is to be expected that some differences in the re-
sults would remain, in view of the fact that the
present investigation was carried out at a higher
temperature and in a different electrolyte. The
order of stabilities obtained in this investigation
also differs somewhat from that determined by
Schwarzenbach and Freitag. However, these dis-
crepancies are not surprising, in view of the strong
effect of a supposedly inert electrolyte on the values
of the relative stabilities of the chelate systems
illustrated in Figs. 3 and 4.

It has been pointed out by leving and Williams17
that the divalent metal ions exhibit the same order
of stability with a large number of ligands, e.g.,
ethylenediamine, propylenediamine, ammonia and
salicylaldéhyde. This order of stability, Cu > Ni
> Co, Zn > Cd, is the same as that obtained in the
present investigation.

The stabilities of various chelates of a number of
the first, row transition metals are plotted vs. atomic
number in Fig. 6. It is apparent that all the lig-

(17) H. Irving and R. Williams, Nature, 162, 746 (1948).
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ands show similar behavior with the metals in this
series in that the stabilities increase as the atomic
number increases, with a maximum at copper(ll),
followed by a sharp drop in stability for the zinc(11)
complexes. The ethylenediaminetetraaeetate
chelate differs remarkably from the others shown in
Fig. 6 in that the plot is much flatter, and the re-
agent is correspondingly much less selective for the
transition metals.

The correlation of chelate stability constants of
the transition metals with the second ionization
potential of the metal, first suggested by Calvin
and Melchior,8has been found to hold for a wide
variety of ligands. The ionization potentials
plotted in Fig. 6 as a function of atomic number,
indicate that this correlation holds for all the metals
and ligands shown. The correlation with ethyl-
enediaminetetraacetate chelate stabilities differs
from the others shown in that the properties of
the metal ions, as measured by the ionization
potentials, apparently have much less influence
on chelate stability than is the case for the other
ligands.

Acknowledgment.—The authors are indebted to
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A bond angle of 103.8 +
electron diffraction.

1.5° and a bond length of 1.413 *

we arrive at a bond angle of 103.23 and a bond length of 1.418 A. as most probable values.

0.019 A. have been found for oxygen fluoride by the method of
Combining our data with the spectroscopic rotational constant reported by Bernstein and Powling,2

Special attention was given the

problem of weighting the measured ring diameters, and a simple adjustment was finally adopted which may prove useful

in other electron diffraction work of this kind.

The bond length and bond angle in oxygen fluo-
ride (OF2 are of interest, especially in relation to
the values for other simple compounds of the elec-
tronegative elements, but they have not been pre-
cisely determined. The best previous values are
dependent on early electron diffraction results and
on a single spectroscopically determined molecular
constant.

For the present electron diffraction reinvestiga-
tion Professor L. Reed Brantley of Occidental Col-
lege kindly gave us a one-to-one OF20 2 mixture
prepared by the usual method.3 After nearly all the
oxygen had been pumped off at liquid-nitrogen tem-
perature,4 the sample was fractionally distilled at

(1) National Science Foundation Predoctoral Fellow, 1952-1953.

(2) H. J. Bernstein and J. Powling, J. Chem. Phys., 18, 685 (1950).
(3) P. Lebeau and A. Damiens, Com-pt. rend., 188, 1253 (1929);

O. Ruffand W. Menzel, Z. anorg. u. allgem. Chem., 190, 257 (1930); G.

H. Cady, J. Am. Chem. Soc., 57, 246 (1935).

(4) The fact that OF2can be obtained in about 95% purity by pump-
ing off the oxygen at liquid-nitrogen temperature has been confirmed
by the recent work of J. G. Schnizlein. J. L. Sheard. R. C. Toole and
T. D- O'Brien, T his Jouenal, 56, 233 (1952).

about —160° through a 65-cm. vacuum-jacketed
column; iodometric analyses of the product
ranged from 98.5 to 99.4 mole % OF2 Photo-
graphs were made and interpreted in the usual
way,6 except that in view of the simplicity of the
problem the visual and radial distribution curves
were not drawn. The camera distance and elec-
tron wave length were 10.91 cm. and 0.06056 A.,
respectively.

Intensity curves were calculated for rigid, sym-
metrical OF2 models with O—Fo = 1.42 A. and
F eemF ranging from 2.10 to 2.32 A., for various ad-
mixtures of Co. Figure 1shows three of the curves
for pure OF2 with critical marks6 to indicate im-
portant comparisons with the photographs. The
more sensitive features, important for the angle
determination, are marked on curves A and C, and
the less sensitive features on curve B. Finally,
the measured ring positions were compared with

(5) K. Hedberg and A. J. Stosick, J. Am. Chem. Soc., 74, S54 (1952).
(6) W. F. Sheehan, Jr., and V. Schomaker, ibid., 74, 446S (1952).

M. Calvin and N. C. Melchior, J. Am. Chem. Soc., 70, 3270
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Fig. 1.— Theoretical intensity curves for rigid, symmetrical
models of OF2with the O— F distance 1.42 A. and the indi-

cated bond angles: A, 102.8°; B, 103.8°; C, 104.8°.
1.45
<
Y 1.40
(@)
=]
S.SB
1.35
100 105

| F— O—F, degrees.

Fig. 2.—Bond length and bond angle values for OF2 See
text and Table I1I.

the positions read from curves A, B and C, with the
results shown on curve m of Fig. 2. The details of
the comparison are given for curve B by Table I.

In regard to Table I, some special remarkslare in order.
W e give the unbiased estimates = (Eicjxi —ic)2/(n — 1)} 'A
of the standard deviation of a (g@aii!./?0bs.)i = xi value of unit
weight, as well as the weighted average deviation 2ici W\ —
X 1/ZWj, which, although quoted in our previous papers,
seems to have no ample statistical meaning if the weights
are not all equal.

Two related points confirm the belief, commonly held in
this work, that truly random errors in the measurements of
ring diameters are unimportant: the estimated standard
deviation of the weighted mean s/(2wi)'/i is about +0.0015,
considerably less thin would correspond to the limit of error
+1.0% which, in accordance with our experience, had to be
assigned to the scab factor; and even the deviations (xi —
X) appear to represent mainly systematic error, since the
four to thirteen individual measurements per ring by each
observer lead to estimates of the standard deviations of the
Xi that amount typically to only about a third of the values
which correspond to s and the Wj as given in Table I.

Ibers and Verner Schomaker
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Table |
Electron Diffraction Data for OF2
Min. Max. <0 «B/Sobs. WE. (ini)
1 8.43 1.091 0
1 11.71 1.016 0
2 14.79 0.960 0
2 18.85 0.987 2
3 24.67 0.997 5
3 30.09 1.017 0
4 33.32 1.035 0
4 36.59 1.017 0
5 41.30 0.964 0
r 46.44 0.997 10
6 52.23 0.998 10
6 58.12 1.007 0
7 59.65 1.018 0
7 62.20 1.013 0
8 67.94 0.999 10
8 74.73 0.989 10
9 81.43 0.980 1
9 89.51 0.993 1
10 96.59 0.990 2
Weighted mean: 0.9949
Estimated standard deviation of value of unit
weight (s): 0.012
Weighted average deviation: 0.004

The weights were first assigned in about the usual way,
i.e., a smooth function of g rising from zero for the inner
rings and falling toward zero again for the outermost rings
was modified by factors of a half or a quarter for minor or
for highly unsymmetrical features. The distribution of the
resulting quantities Wix\ — x)2 with respect to q and to
classes of features— maxima vs. minima, the symmetrical
vs. the unsymmetrical, etc.,— was satisfactory except that
the weights for the unsymmetrical features (max. 1, 3, 4,
6, 7; min. 1, 2, 4, 5, 7) needed to be reduced by a factor of
about one-tenth in order to equalize the estimates s to be
obtained separately from them and from the symmetrical
features. The final weights (Table 1) were placed on a
scale of ten and so vanish for all unsymmetrical features.
This is satisfactory for the calculation of the average, but is
hardly satisfactory for the estimation of the standard de-
viation. With this reservation, however, zero weights are
indicated in most cases, as in reference 10, where fractional
weights have been used for complex features. The above
argument applies to the averaging of measurements by
J.l.and V. S., butwe have used only the simple averages.

We would emphasize that these remarks, despite their
stress on other details are not intended to detract from the
usual scrutiny of the (<7caic./?0bn.) values for possible trends
or for undue sensitivity of the average to reasonable varia-
tions of the weights. In this regard, the present average
is somewhat more sensitive than usual.

The results from this and from previous electron
diffraction investigations are given in the first
three lines of Table Il. The fourth entry repre-
sents Bernstein and Powling’s adjustment of
Boersch’s result to the region between the dashed

Tabite Il

The Structure of OF2

o—p, A 2 F-O-F, degrees
1.36 +0.1 105 +5 Sutton and Brockway7
1.41 + 0.05 100 + 3 Boersch8
1.413 + 0.019 103.8 + 1.5 Present work
1.38 +0.03 101.5 + 1.5 Bernstein and Fowling2
1.418 103.2 Best value

(7) L. E, Sutton and L. O. Brockway, J. Am. Chem. Soc., 57, 473
(1935).
(8) fcH. Boersch, Monatsh., 65, 311 (1935).
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lines in Fig. 2 defined for a rigid model by their
value 1.60 + 0.02 cm.-1 for the rotational constant
A" —B", and the last entry represents our related
adjustment of the present result.

Our adjustment (see Fig. 2) differs from Bernstein and
Powling’s in that we take the point P lying on the line 1de-
fined by A" — B" = 1.60 cm.-1 which seems most probable
on the basis of the electron diffraction work. For this pur-
pose we have assumed a probable error function which de-
pends upon a sum of the squares of the errors in bond angle
and in the scale factor, with coefficients such that the limit-
ing errors in bond angle (x1.5°) and in the scale factor
(£+1.0% ) correspond to the same probability. Plotted
as a function of bond angle and bond length with the help
of the linear relation between assumed bond angle and re-
sultant bond length which is approximated at B by curve
m, the corresponding ellipse takes the form shown; the in-
dicated construction for P follows. (It is appropriate to
place P exactly on 1, since the indicated relative weights of
the spectroscopic and diffraction data for the location of P
along the line BX are about 20:1.) For their adjustment,
on the other hand, Bernstein and Powling essentially used
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their result to reduce Boersch’s limits of error and quoted
only rounded values for a point symmetrically located with
respect to the reduced limits.

It is notable that in OF2the bond angle is greater
than in NF3(102°9',9 102.5° 10, whereas in HD
(105°3" “) it is less than in NH3 (106°47/11).
Nevertheless, the bond angle in OF2is somewhat
less than in H2, in agreement with a discussion
previously given for NF3 and NH3XD The new
O—F bond length, being appreciably greater than
Bernstein and Powling’s value, is again in good
agreement with the radius values and interpolation
formula given previously.12

(9) J. Sheridan and W. Gordy, Phys. Rev., 79, 513 (1950).

(10) V. Schomaker and C. S. Lu, 3. Am. Cliem. Soc., 72, 1182 (1950).

(11) G. Herzberg, “Infrared and Raman Spectra of Polyatomic
Molecules,“ D. Van Nostrand Co., Inc.,, New York, N. Y., 1945, pp.
489, 439.

(12) V. Schomaker and D. P. Stevenson, J. Am. Chem. Soc., 63- 37
(1941).

NON-STEADY STATE ELECTROLYSIS UNDER CONSTANT CURRENT1

By Lucien Gierst and Andre L. Juliard?2

University of Brussels, Belgium, and Houdry Process Corporation, Marcus Hook, Pennsylvania
Received February 7, 1953

Valuable information about the Kkinetics of reactions occurring at the surface of an electrode can be obtained from the
study of the time dependence of the potential of a working electrode during the non-steady state electrolysis which follows
the forcing through the cell of a constant high current density. When the rate of the electrolysis depends solely upon the
speed of diffusion of the depolarizer, the product iT'/t, of the constant current and the square root of the transition time,
remains constant. When the rate of electrolysis is also controlled by a chemical reaction, the product i T 'l«decreases linearly
with the current density. This product acquires abnormally high values when the electrolysis process is accompanied by

electroeapillary convection.

The study of the relation between the product iT I/i and the current i may also give a better

understanding of the action upon the mechanism of electrolysis of substances adsorbed on the electrode.

Introduction

Non-steady state electrolysis under constant
current was investigated more than half a century
ago by Weber3and Sand4as a method for deter-
mining diffusion constants. More recently this
type of electrolysis has been used by Muller and
Schwabeb6 as a procedure to study anodic polariza-
tion of metals, and by Rius, et al.,6 as an analytical
tool.

This type of electrolysis appears furthermore to
be a convenient method for elucidating the mech-
anism of electrochemical reactions.7

Constant current non-steady state electrolysis
occurs during the short time following the con-
necting of a cell to a high d.c. voltage supply
through a current limiting resistance. When the
cell contains a micro working-electrode (approxi-
mately 1 sq. mm.) and a large reversible counter-

(1) This paper, presented at the Miniature Meeting of the Philadel-
phia Section of the American Chemical Society, January 29, 1953, is a
summary of the thesis presented by Dr. Lucien Gierst in partial ful-
fillment of the requirement for the Doctor’s degree at the University
of Brussels in 1952.

(2) Houdry Process Corporation, Marcus Hook, Penna.

(3) H. F. Weber, Wied. Ann., 7, 537 (1879).

(4) 1i. J. S. sand, Phil. Mag., [6] 1, 45 (1901).

(5) E. Muller and K. Schwabe, Z. Elektrochem., 39, 414 (1933).

(6) A. Rius, J. Llopis and S. Polo, Andies fie. quim. Esp., 45B, 469
(1949).

(7) L. Gierst and A. Juliard, “Proceedings of the 2nd Meeting of
the International Committee of Electrochemical Thermodynamics
and Kinetics,” Tamburini, Milan, 1950, pp. 117 and 279.

electrode (approximately 300 sg. mm.), the po-
tential of the working electrode varies with the
time during the transient-time (¢(3 — U) according
to one of the three curves of Fig. 1.

Fig. 1.— Voltage-time curves during transient electrolysis
under constant current: A, supporting electrolyte alone;
B, supporting electrolyte plus “non-reversible” depolarizer;
C, supporting electrolyte plus “reversible” depolarizer.

Curve A is recorded when the cell contains only a
supporting electrolyte.

Curve C appears when a small amount of a
“reversible” depolarizer is added to the supporting
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electrolyte. In such a case, the transient time is
composed of three different periods:

A. The capacity-controlled period (ti — t0),
during which the potential increases practically
linearly with time until a value at which the depol-
arizer begins to be reduced at a measurable speed is
reached.

B. The depolarization-controlled period or
transition time % —¢J), during which the potential
of the working electrode is “ buffered” by the de-
polarizer. This buffering effect lasts as long as the
current is primarily consumed by the depolarizing
process. The length of this time interval depends on
the kinetic characteristics of the over-all reaction,
being shorter when the rate of the electrolysis is
limited by the speed of an intermediate chemical
step, or lengthened when the electrolysis is accom-
panied by electrocapillary convection.

C. The mixed process-controlled period (i3 —
if), during which the potential increases again quite
rapidly with time, but at a slower rate than during
the capacity controlled period. In this last period
only a fraction of the current is used by the elec-
trolysis process, the residual current is consumed
by the charging of the double layer until the
potential reaches V2 at which the cation of the
supporting electrolyte undergoes reduction.

Curve B shows the characteristics of the non-
steady electrolysis when the depolarizer is a “non-
reversible” one, requiring an activation over-
voltage for reduction. With such a depolarizer
the voltage may substantially increase during the
transition time, especially at the end of this period.
The end of the transition time is not as sharply
defined as with a “reversible” depolarizer. The
transition time can, however, be exactly measured
by extrapolating the two segments of the voltage-
time curve which correspond, respectively, to the
depolarization and to the mixed process-controlled
periods.

The duration of the transition time: (a) increases
with the concentration of the depolarizer and, at
equal concentration, with the diffusion coefficient;
(b) decreases with increasing current density;
(c) depends upon the speed of the surface reaction or
upon the speed cf transformation of the depolarizer
into a more readily reducible molecule or ion, when
these speeds are lower than the diffusion rate.

This paper will show what kind of information
regarding the Kinetics of electrode processes can be
obtained from the study of the relation between
the transition time and the value of the constant
current.

Experimental

A. Electrolytic Cell.— The cell is a double-walled Pyrex
vessel of 2 cm. internal diameter and 10 cm. height, thermo-
stated with circulating water controlled at 25.0 + 0.1°.
The thermostatwater contains an electrolyte and is grounded
in order to screen the cell from any induced current.

The working-electrode is a freshly formed small drop of
mercury which grows very slowly, at a constant speed, at
the bottom of a capillary tube. The speed of growth of the
drop is controlled by a 20-cm. “marine barometer tubing”
capillary having 0.05 mm. internal diameter. This tube
is slightly constructed in its central part in order to provide
drops of a lifetime of about sixty seconds at 80 cm. Hg pres-
sure. The electrolysis starts about 20 seconds after the ap-
pearance of a new drop, and is completed in a fraction of a
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second. Under these conditions, the electrolysis occurs on
an electrode of practically constant area.

The surface of the electrode is determined with high pre-
cision by the drop controlling capillary and by an electronic
circuit which starts the electrolysis at a selected time after
the appearance of a new drop.

Switching this circuit: (a) activates a relay which causes
a hammer to knock against the capillary drop controlling
tube. The shock detaches the drop already formed at the
bottom of the capillary. At that very moment, a drop
starts to grow.

(b) Disconnects the grid of a Thyratron (type 2D21)
from the negative pole of an auxiliary battery. From that
time, the potential of the control grid, previously at —20 to
—80 v., becomes more positive. The rate of increase of
the grid potential is controlled at about 2 volts per second
by a resistance capacity circuit.

When the Thyratron fires, a second relay cuts out the
short circuit across the electrolytic cell, starting abruptly
the electrolysis at a definite time after the birth of the drop.
Keeping constant all the other growth controlling factors,
the reproducibility of the area of the electrode depends only
on the reproducibility of the circuit delay. Oscillographic
measurements have shown that by using stabilized voltages
and a preheating time of half an hour, this delay is repro-
ducible within less than 0.2% .

B. Polarizing Circuit— In order to determine with ac-
curacy the value of the current density applied to the work-
ing-electrode, not only the area of the electrode but also the
values of the applied voltage and the limiting-resistance
must be exactly known.

The voltage applied to the resistance-cell circuit is ob-
tained from a 400-volt stabilized power supply of conven-
tional design. The voltage is set at any desired value be-
tween 200 and 100 volts by means of a voltage divider, and is
measured with a potentiometer.

The limiting-resistances are high quality 10 watt 25, 50,
100 and 200 kilohm resistances, whose exact values were
checked at regular intervals with a Cambridge precision po-
tentiometer.

The variation of the counter-electromotive force of the cell
that occurs during the electrolysis would depress the current
to about 1% of its initial value. This effect is reduced to
less than 0.1% by placing a 20-ohm potentiometer in series
with the cell. This potentiometer is adjusted before the
electrolysis to the previously determined value correspond-
ing to the back electromotive force of the cell during the
transition time.

C. Potential Time Recorder.— The potential versus time
curve is recorded by means of a large (30 cm. diameter)
magnetically deflected cathode ray tube. The change of
potential of the working electrode produces, through a d.c.
amplifier, a radial deflection of the electron beam, while the
time is recorded by the angle of rotation of the beam. The
voltage scale is adjusted in such a manner that the voltage
is recorded sweeping from the periphery inwards. By ad-
justing the speed of rotation of the deflecting electromagnets,
the fraction of the voltage-time curve corresponding to the
transition time may be stretched over a complete circum-
ference, the length of which corresponds in this case to about
70 cm.

The voltage scale is checked before each experiment by
tracing on the screen, by means of a voltage divider, con-
centric reference voltage circles in 0.25-volt steps.

The time is roughly measured by the value of the angle of
rotation of the spot as related to the speed of rotation of the
deflecting coils. Very accurate time intervals (accuracy
better than 0.01 millisecond) were determined by modulat-
ing the intensity of the electron beam with a constant fre-
quency. This frequency was checked against that of a tun-
ing fork (frequency 1,024 c.p.s.), used as standard. The
time measuring scale can be magnified for short transient
electrolysis by increasing simultaneously the speed of rota-
tion of the deflecting coil and the frequency of the impulse
generator which modulates the electron beam.

Because of the persistence of the luminescence of the
screen, the trace of the voltage-time curve remains clearly
visible during about one minute. This allows visual meas-
urement of the transition time simply by adding the pulsed
luminous points along the constant voltage line.

D. Reagents.— All reagents were Merck Analytical
Grade products. The absence of any reducible impurities
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at a concentration higher than one thousandth of the con-
centration of the depolarizer has been checked for each
solution by polarographic analysis.

Conventional procedures were used to eliminate oxygen
dissolved in the solution and impurities present in the mer-
cury.

E. Reproducibility of Measurements.
cessive determinations of transition-times of the range of 100
milliseconds, the maximum deviation was less than 0.4% of
the average value. The surface of the mercury electrode,
which depends primarily on this factor, may thus be re-
produced within these limits.

2.— The drift of the average value of five determinations
during an interval of time of Vi of an hour was less than
°.s% .

As the complete investigation of the non-steady electrolysis
of a solution under different current densities can be made in
triplicate in less than 15 minutes, the term T may be
known to within 0.2% .

Description and Discussion of the Results

A simple mathematical equation can be deduced
from Fick’s diffusion equation48which relates the
transition time, T, to the current, i, by assuming
that during this period, the following conditions
are fulfilled: 1. The current remains practically
constant; 2. The current is almost exclusively con-
sumed by the reduction of the depolarizer; 3.
The depolarizer reaches the working-electrode
exclusively by diffusion; 4. The concentration of
the depolarizer at the beginning of the electrolysis
is the same throughout the solution; 5. The
rapidity of the depolarizing process must be great
compared to the diffusion rate.

In order to satisfy: Condition 1: The current-
limiting resistance must be several hundred times
greater than the cell resistance. Condition 2:
The concentration of the depolarizer must be high
enough so that even with electrolysis performed at
high current densities the capacity component of
the current during the transition-time remains
less than 1% of the total current. This condition
is fulfilled even for current densities in the range of
500 milliamperes per square cm. when the concen-
tration of the depolarizer is higher than 10 milli-
equivalents ion per liter. Condition 3: The elec-
trolysis must be performed under normal polaro-
graphic conditions, in the absence of any migra-
tion, and thermal, gravitational, mechanical or
electrocapillary convection. When using as work-
ing-electrode a stationary mercury drop, the
transient time must be short enough (less than 1
second) to keep the thickness of the diffusion
controlling layer covering the electrode a negligible
fraction of the radius of curvature of the electrode.
Condition f: The solution must be homogeneous,
and the working electrode must be free from any
foreign adsorbed substance. Condition 5: The
depolarizer must be rapidly reduced at the surface
of the electrode, without any slow intermediate
reaction step.

A. Diffusion-controlled Electrolysis.—When all
the above five specified conditions are fulfilled, the
following equation68gives the relation between the
time of the non-steady electrolysis and the concen-
tration of the depolarizer at the surface of the
electrode

C — C(x,t) = 2i{l/TrD)/CnF &N

®) T. R. Rcaebrugh and W. L. Miller, This Jounhnai, 14, 816
(1910).
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where
= concn. of the depolarizer in the bulk of the sol,

mmoles per 1

C(x,t) = concn. of the depolarizer at the surface of the elec-
trode after t sec.

i = controlled constant current density, milliamp. per
sg. cm.

D = diffusion coefficient of the depolarizer, cm.2
sec.”1

n = no. of electrons involved in the electrochemical
process

F = Faraday constant, coulombs

If the electrolysis is exclusively controlled by the
diffusion of the depolarizer, the end of the transi-
tion time is the moment at which the concentra-
tion of the depolarizer in the vicinity of the surface
of the electrode falls close to zero.

In this case equation 1 becomes

iT'A = nFC(wDy/z/2 = KD'hC (K =

where T = transition time, millisec.

The product iT'Zis thus linearly proportional to
the square root of the diffusion coefficient and to
the concentration of the depolarizer, the factor of
proportionality, K, being a product of universal
constants.

When iT12is plotted against i, a straight line is
obtained. The intercept with the iT'l* axis is
KJI)I/C. The diffusion coefficient D or the concen-
tration C of the depolarizer can be determined with a
fairly good accuracy from this intercept. The square
proportionality between the transition time and
the concentration emphasizes the importance of
transition time measurement as an analytical
method for accurate determination of depolarizers.

The non-steady electrolysis of cadmium ion in
potassium chloride solution on a mercury electrode
belongs to this type of diffusion-controlled electrol-
ysis. Table | shows that in this electrolysis the
product iT'i2remains constant within 0.6% even
when the current density changes tenfold (from
0.18 to 1.18 milliamp. per square mm.) and the
transition time almost a hundred-fold (from 1.4 to
125 milliseconds).

nF,r'a2) (2)

Table |

Value of the Product iT k- in Function of iin the Non-
steady State Electrolysis of Cadmium in Presence of
Chloride lons at 25.0 £+ 0.10
Depolarizer, 2.46 zb 0.01 X 1072 N Cd(ll); potential,
—0.64 v./S.C.E.; supporting electrolyte, N KC1 plus 1 X
107 4N 11C1; surface of the electrode, 1.72 mm .2

i iti i Product iT ¥*

et e PR RS ST ey

1.72 square mm. in = 4) sec. "Zzmm. 2
0.300 124.: =0.1 3.34
0.600 303 = 1 3.30
0.900 133 = .1 3.28
1.200 7.50 &b .08 3.29
1.800 3.38 + .02 3.31
2.200 2.24 + .02 3.29
2.800 1.38zb .01 3.29
0.300 1228 zb .8 3.33

Av. 3.30 =b0.02

The transition time and the constant current
density are likewise related (according to equation
2) in the following “reversible” systems: Cd(ll) in
1M KI,orin 1M NH40H + 1M HANCL; Pb(ll)
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in 1M NaOH, or in 1 M KNO,; Zn(ll) in 1 M
HANOH + 1M H4NCI; 103 in 1 M KC1; and
H® + (HC11.10-2M) in 1.5M KC1.

In all these “reversible” systems the speed of the
non-steady state electrolysis is thus exclusively de-
termined by the diffusion rate of the depolarizer.

The same process occurs with some “semi-revers-
ible” systems, like Ni(Il) or Co(ll) in 1M KC1 solu-
tion, for which the product iln/ is also independ-
ent of the value of the constant current.

B. Reaction Rate-controlled Electrolysis.—In
some cases the transition time comes to an end
before the concentration of the depolarizer at the
surface of the electrode is reduced to zero. This
occurs, for instance, when the depolarizer is not
immediately reduced on the electrode, but under-
goes beforehand a reaction giving rise to a more
reducible species P’

P —k => P’ (3)
which proceeds with a lower speed than that with
which the depolarizer diffuses to the electrode.

Assuming that the rate of formation of the readily
reducible species is directly proportional with co-
efficient k to the concentration of the depolarizer,
the transition time ends when the concentration of
the depolarizer on the electrode is

C{o,T) = i/nFk 4)
Substituting this value for C(z, t) in 1 we get
C — i/nFk = 2i(T/D)'/*/nF1h
or
iT'/t = (irD)'HNFC — i/k)/2 = KD'hC - K'i

(K = nF'h/2 and K' = 1/2K) (5)

where k represents a kinetic “surface” coefficient,
closely related to the kinetic “volume” constant of
reaction.3 The constant k measures the maximum
number of P' species which can be formed per unit
time on a surface of one square cm. from a solution
containing one millimole of depolarizer per liter.

Inspection of equation 5 shows that in a reaction
rate-controlled electrolysis the product iTIV/ is not
independent of the constant current. When the
rate controlling reaction is of the first order, this
product decreases linearly with increasing current
(curve C of Fig. 2).

Fig. 2.— Relation between the product iT'A and the con-
stant current densities in non-steady state electrolysis.

Lucien Gierst and Andre Juliard
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The intercept on the i axis of the plot of iT 11 vs.
i defines a critical limiting current density | at which,
from equation 5

nFC = I/k (6)

The critical limiting current density represents
the density beyond which the transition time disap-
pears from the potential time curve. The reaction
rate constant k may thus be evaluated from this
initial density (equation 6).

The non-steady electrolysis of Cd(CN)9 in
KSCN, in NaOH or in K1 solution occurs according
to equation 5. We may therefore conclude that
the speed of these non-steady state electrolysis is
controlled by the rate of a slow reaction, and not
by the rate of a diffusion process.

The non-steady state electrolysis of cobalt(ll) in
1 M KSCN solution offers a striking example of a
two-stage reduction, the first one being controlled
by a slow chemical reaction, the second one
by a diffusion process. The potential time curves
of this solution for current densities between 20 and
60 milliamp. per square cm. indicate, indeed, two
plateaus with levels, respectively, at —0.103 and
—1.25v. vs. S.C.E. Figure 3 shows, indeed, that
the product iT A corresponding to the duration of
the first plateau decreases linearly with increasing
current.9

Fig. 3.— Relation between iT'A and i of 3.5 X 10 2 N
cobalt in 1 M KSCN: A, transition time T measured at
—1.03 v./S.C.E.; B, sum of transition time at —1.03 and
—1.25v./S.C.E.

As Bronsted’s theory concerning the influence
of the ionic strength on the kinetics of homogeneous
reaction® predicts, the addition of electrolytes has
a marked action on the value of the critical limit-
ing current density. The critical density of Cd-
(CN)9- solutions increases, indeed, approximately
in linear proportion to the ionic strength of added
electrolytes, whether the electrolyte is KC1, NaOH,
Kl or KSCN at concentrations from 0.3 to 2.4

(9) The critical density of a 35 milliequivalent Co(ll) solution is
equal to 75 milliamp. per square cm. The rate constant of the first-

stage reduction is equal to 2.1 milliamp./square cm. per milliequivalent.
(10) J. Bronsted, Z. physik. Chern., 102, 169 (1910).
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moles per liter. No specific catalytic activity seems to
be related to the nature of the halogen ion or to the pH.
This confirms, indirectly, that the rate of electroly-
sis of Cd(CN)4- is more reasonably related to a
“volume” reaction process than to “surface” elec-
tron transfer process, which would be more specifi-
cally dependent on the nature of foreign substances.

N on-steady State Electrolysis under Constant Forced Current
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This example of interference of aforeign substance
on transition time shows that the study of non-
steady electrolysis under constant current could be
a convenient method for investigating the mecha-
nism of action of inhibitors on electrode processes.

D. Influence of Electrocapillary Convection.—
When the electrolysis is accompanied by convection

C. Influence of Adsorbable Substances.—The phenomena, condition 3 is not satisfied, and the

transition time may also end before the concentra-
tion of the depolarizer at the electrode falls near to
zero when the rate of transfer of electrons at the
solution-electrode interface is hindered by the pres-
ence of a poorly conducting adsorbed film.

This happens, perhaps, when small amounts of
gelatin are added to a 3 X 10~2N cadmium solu-
tion in 1 M KC1. Figure 4 shows the tremendous
effect of traces of gelatin, in the range of a tenth of
a milligram per liter, on the kinetics of this electrol-
ysis. In the absence of gelatin, the speed of the
electrode process is so great that the electrolysis
appears to be exclusively diffusion controlled. In
the presence of 0.03 mg. of gelatin per liter, the
non-steady state electrolysis is no longer controlled
by diffusion when the current exceeds the critical
limiting current density of 55 milliamp. per square
cm. (value extrapolated from curve B of Fig. 4).

Fig. 4.— Action of gelatin on the electrolysis 0of 3.1 X 10“2
N cadmium in 1 N KC1l: A, without gelatin; B, with 3 X
10~6 g. per 1 gelatin; C, with 8 X 10~6 g. per 1 gelatin;
D, with 16 X 10~5g. per 1 gelatin; E, with 25 X HUS5g.
per 1 gelatin; transition potential, —0.64 v./S.C.E.;
electrode surface area, 1.52 mm.2

Table Il shows that, as a first approximation,
the product of the critical limiting current density
and the concentration of the gelatin remains con-

stant.
Tabiue Il

Relation between the Critical Limiting Current

Density, |, of Cd(ll) in KC1 Solution, and the Concen-
tration of Added Gelatin
Critical limiting

Gelatin concn., current density, I, Products
10~ g. per 1 milliamp. cm. ~2 /ICa
30 55.0 165
80 18.5 148
160 10.5 168
250 8.5 212

product iT'T* acquires values many times greater
than the theoretical value given by equation 2.

If the convection is due to the electrocapillary
phenomenon which is responsible for maxima in po-
larographie waves, the product ilm generally
passes abruptly from normal to high abnormal val-
ues for characteristic current densities depending on
the nature and the concentration of the depolarizer
and the foreign substances (curve B of Fig. 2).

This happens, for instance, during the electrolysis
of zinc solution in 1 Hi NII4OH + 1 M NHACI
(Fig. 5).

CURRENT DENSITY, IN MILLIAMP CM L-

Fig. 5.— Action of gelatin on the electrolysis of 3.1 X 10
N zinc plus 1M NEhOH and 1 M NHACI.
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Without gelatin, the product iT12 is about ten
times greater than the theoretical value which could be
expected in the absence of any convection. The
addition of 1 milligram per liter of gelatin reduces this
product to about half of its original too high value.
With 20 to 40 mg. per liter, the non-steady state
electrolysis of zinc ions occurs as a normal simple
diffusion controlled electrolysis. At that concen-
tration level, gelatin has no effect on the kinetics of
reduction of zinc, though it reduces the speed of re-
duction of cadmium in KC1 solution, which occurs
at a less negative potential, even at a concentration
of 30 micrograms per liter (curve B of Fig. 4).

The study of non-steady state electrolysis under
constant current offers thus a valuable method of

Edward L. Brady
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determining whenever the electrolysis is controlled
either by a diffusion or a convection process, by a
chemical reaction in the liquid phase or by an electron
transfer at the surface of the electrode.
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CHEMICAL NATURE OF SILICA CARRIED BY STEAM
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The existing literature reporting the concentration of silica in the vapor phase when steam is equilibrated with a siliceous
molecule has been surveyed and reinterpreted in an attempt to determine the chemical nature of the volatile species in the

steam.

It is inferred that orthosilicic acid, Si(OH),, is the volatile species at steam pressures above a few hundred atmos-

pheres, while at lower pressures a higher molecular weight molecule, perhaps the dimer, Si2D(0H)6, exists in the vapor

phase.

Introduction

The fact that steam will carry silica as a volatile
compound was conclusively established by van
Nieuwenburg and co-workers.1 The effect has
been studied both qualitatively and quantitatively
by a number of other investigators2-6 but the
chemical identity of the volatile species has never
been established. Straub2 has suggested that the
volatile compound is silicic acid, but his data are
inadequate to prove this contention. The purpose
of this note is to contribute to the interpretation
of the results obtained by Straub,2 Morey and
Hesselgesser,3Kennedy,4and Jacklin and Browar,6
and to suggest that orthosilicic acid, Si(OH)4 is
the volatile species at steam pressures of a few
hundred atmospheres while at lower pressures a
higher molecular weight molecule, perhaps the
dimer SiD(0H)6, exists in the vapor phase.
Explanations will be given for the lack of repro-
ducibility of some of the experimental results.

Molecular Species of Silica in Steam.—Since
Si02has such a low vapor pressure at the tempera-
ture of the experiments, the volatile species almost
certainly contains water combined in some way with
the Si0O2molecule. For simplicity and definiteness
let us consider a system which consists of only two
components and two phases: crystalline quartz
and water vapor together with the volatile silica-

(1) C. J. van Nieuwenburg and P. M. van Zon, Rec. trav. chim., 54,
129 (1935).

(2) F. G. Straub, Univ. of Illinois Engineering Experiment Station
— Bulletin Series 364 (1946).

(3) G. W. Morey and J. M. Hesselgesser, Trans. Am. Soc. Mech.
Engrs., 73, 865 (1951).

(4) G. C. Kennedy, Econ. Geol, 45, 629 (1950); 46, 821 (1951).

(5) C. Jaeklin and S. R. Browar, paper presented at tbe Annual
Meeting, Am. Soc. Mechanical Engineers, November, 1951.

Explanations are given for the lack of reproducibility in some of the experimental results in the literature.

containing compound. Reasonable chemical equili-
bria involving the two components are represented
by the equations

Si02 (quartz) + H2 (gas) K > SiO(OH)2 (gas) (1)
Si02 (quartz) + 2H2 (gas) < > Si(OH)4 (gas) (2)
2Si02 (quartz) + 3H2D (gas) < > SIiND(0H )6 (gas) (3)

The product of reaction (1) is metasilicic acid and
the product of reaction (2) is orthosilicic acid. The
dimer which is the product of reaction (3) has
been claimed to exist in aqueous solution in appreci-
able quantity under certain conditions6-7 and is
the first stage in the polymerization of silicic
acid to silica. The mass action expressions ob-
tained from equations (1), (2), and (3) are given
by
[SiO(OH)I
[H2] [Si0]
[Si(OH)4
[HoO]2[SiOj]
[SiD(011)6
[T12013[sio7"' ~

(4)
©)]

k3 (6)

in which the bracketed quantities represent thermo-
dynamic activities. Hence, if the fugacities of all
species involved in equations (4), (5) and (6) are
known, evaluation of Kh K2and K3 (as a function
of steam pressure) will enable a decision to be
made regarding which of the equilibria represented
by equations (1), (2) and (3) is most likely to exist
in the system. Data to test the constancy of Klt

(6) W. Eitel, “Physikalische Chemie der Silikate,” Barth Verlag,

Leipzig, 1941, p. 226-227; republished by J. W. Edwards, Ann Arbor,
Mich., 1944.

(7) P. A. Thiessen and O. Koerner, Z. anorg. allgem. Chem., 182,
343 (1929).
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K2and K3 are scarce in the literature. Of the
investigators mentioned above, only Morey and
Hesselgesser3and Kennedy4have obtained suitable
data. Morey and Hesselgesser measured the con-
centration of silica in steam in equilibrium with
quartz at 400, 500 and 600° over a range of pres-
sures from about 33 to 2000 atmospheres, and
Kennedy measured the weight loss of quartz disks
equilibrated with water or steam in a closed sys-
tem over a range of temperatures and pressures
up to about 500° and 2000 atmospheres.

At these temperatures and pressures the steam
pressure is not an accurate measure of the fugacity
but the ratio of fugacity to pressure, f/p, can be cal-
culated if the equation of state is known. New-
ton8 has calculated the ratio f/p for gases which
obey the van der Waals equation of state in reduced
form. These values have been used in the cal-
culations which follow. Although more accurate
values of f/p could be calculated from the known
equation of state of water vapor, the labor of
performing the calculations was thought not worth-
while since nothing at all is known about the rela-
tionship of total pressure to the fugacity of the
silica-containing molecule. The fugacity of Si02
(quartz) as a function of pressure was obtained
from the relationship

In (/b/la) = )\Vv/RT)dp 7
J Pa

in which /o772 is the ratio of the fugacities in the
two states A and B in which the pressures are Pa
and Pb, and V is the molal volume. In the cal-
culations the molal volume of quartz was assumed
constant at 22.65 cm.3mole. Since AP amounts
to as much as 2000 atmospheres, the change in
activity of the quartz cannot be neglected.

From the available data neither the fugacity of
the silica-containing species nor the partial pressure
can be calculated. It must be assumed that the
partial pressure is equal to the product of mole
ratio and total pressure. Two approximations for
the fugacity of the siliceous species were used:
(1) that the fugacity is equal to the partial pres
sure, and (2) that it is equal to the partial pressure
multiplied by the value of /4 for water vapor at
the same temperature and total pressure. Values
of K2and Iv; were calculated for each assumption.
Inspection of the data of Morey and Hesselgesser
and of Kennedy indicate that the equilibrium
denoted by equation (4) cannot represent the
situation. In this equation, the concentration of
the silica-containing species in the gas phase
would be roughly linear with the steam pressure,
and this is very obviously not the case. Hence,
values of Jii were not calculated.

Tables 1-V1 present the working data as well
as the results of the calculations of K2 and K3
(of equations (5) and (6)). The first column con-
tains the observed steam pressure, with the ap-
proximation that bars equal atmospheres, since
the original data were recorded in bars. The
second column presents the result of multiplying
the pressure by the ratio of fugacity to pressure
given by Newton.8 The third column contains
the experimental value of the concentration of the

(8) R. EL Newton, Ind. Eng. Chem., 27, 302 (1935).
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volatile silica-containing species in weight per
cent, while the fourth column shows the result of
multiplying the total pressure of the system by the
mole ratio of silica-containing species, assuming
the volatile species is Si(OH)4 The fifth column
indicates the fugacity of quartz with the fugacity
at one atmosphere taken as unity. The sixth
column presents the calculated value of K2 based
on the assumption that the fugacity of the silica-
containing species is equal to its partial pressure
(column 4), while the seventh column represents
the value of the mass action constant if the as-
sumption is made that the fugacity of the silica-
containing species equals its partial pressure multi-
plied by the f/p ratio for steam. The eighth
column represents the partial pressure of the silica-
containing species if the volatile molecule is
SiD(0H)6 The ninth and tenth columns present
the mass action constant of equation (6) calculated
on the assumptions that the fugacity is equal to
the partial pressure in the first case and in the
second case is equal to the product of the partial
pressure and the f/p ratio for steam.

An inspection of columns 6, 7, 9 and 10 of all the
tables shows that no clear-cut choice among the
possibilities can be made. Some general trends
can be observed, however. At the lower pressures
(below about 300-400 atmospheres) and at 400-
500°, K3 seems to be somewhat more constant
than K2 while at the higher pressures K2 seems
to be more constant. The constancy of neither
K2nor K2is improved by multiplying by the ratio
(f/p)ndD. At 600° sufficient data are not available
to enable a choice to be made; K2and K3seem
about equally constant with the largest deviation
for K2 occurring at the lowest pressure, while the
largest deviation for K3 occurs at the highest
pressure.

This analysis of the results indicates that the
equilibria of both equations (2) and (3) were of
importance under the conditions of the experi-
ments. Equilibrium (3) would predominate at
lower pressures, while equilibrium (2), which in-
volves more water per Si02 molecule, would pre-
dominate at higher pressures.

There is no reason to suppose that polymeriza-
tion in the vapor phase occurs only as far as the
dimer. As the water activity is lowered, poly-
merization may continue several steps further,
with the equilibrium vapor pressure decreasing
rapidly with increasing molecular weight.

Interpretation of data would be greatly simplified
if the experiments had been performed under con-
ditions further removed from the critical conditions
for water, so that the pressure would be a more
accurate measure of the fugacity. In any experi-
ment the relation between fugacity and concentra-
tion of the siliceous species would be difficult to
determine.

Volatility of Silica from Freshly Precipitated
Silicic Acid.—Straub2 lias measured the concen-
tration of silica in steam equilibrated with freshly
precipitated silicic acid, made by acidifying sodium
silicate solution, NaZSiOj. Under these conditions
the solid phase is amorphous, and can be thought of
as polymerized, dehydrated Si(OH)4 The degree
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Pry0
(atm.)

33
67
133
333
667
1000
1500
2000

Pa30
(atm.)

67
133
667

1000
1500
2000

Pri0
(atm.)

333
1000
1500
2000

P30
(atm.)

300
350
400
500
600
750
1000
1250
1500
1750

Pm0
(atm.)

400
500
600
750
1000
1250
1500
1750

Epwarp L.

Brapy

Tasre I

Basep oN DaTa or Morey aup HESSELGESSER AT 400°

Wt. % Pgioy Pgiz0(0ms
fH20 Si0z in in steam f8i0y in steam
(atm.) steam (atm.) (quartz) K Ka(f/p)as0 (atm.)

31.3 0.0001 1.0 X 10~% 1.00 1.02 X 10~® 0.97 X108 0.5 X 1075

61.0 .0003 6.0 X 1075 1.02 1.59 X 107® 1.45 X 10=8 3.0 X 1075

108 .0006 2.0 X 107 1.06 1.62 X 107% 1.31 X 10™® 1.0 X 10~*

183 064 6.4 X 1972 1.15 1.66 X 1078 9.13 X 1077 3.2 X 1072
234 126 0.252 1.32 3.48 X 10°¢ 1.22 X 10~¢ 0.126
290 155 0.465 1.51 3.54 X 107% 1.02 X 10~ .233

405 .206 0.928 1.86 3.04 X 10~% 0.82 X 10~ 464

500 .231 1.39 2.28 2.44 X 107% 0.61 X 1078 .695

Tasre 1T
BasEp oN DaTa oF MoREY AND HESSELGESSER AT 500°
Wt. % Pgio, Psi20(0H)s
fH:0 $8i0z in in steam 19102 in steam
(atm.)  steam (atm.) (quartz) K» Ks(f/pYH:0 (atm.)

63 0.0014 2.8 X 107* 1.02 6.9 X 1078 6.6 X 1078 1.4 X 10™*
117 .0036 1.44 X 10=% 1.05 1.10 X 1077 9.7 X 1078 0.72 X 103
243 022 2.2 X1072 1.13 3.30 X1077 2.4 X 1077 1.1 X 102
367 .135 0.27 1.26 1.59 X 1076 8.8 X 107 0.135
470 .260 0.78 1.42 2.48 X 1076 1.16 X 10—¢ 0.39
645 .404 1.82 1.71 2.56 X 10~¢ 1.10 X 10—¢ 0.91
860 .499 3.00 2.04 1.99X107% 8.6 X 1077 1.50

TasLe 111
Basep oN Data oF MoREY AND HESSELGESSER AT 600°
Wt. % Psio0z Psir00m)s
fH20 8i02 in in steam /8i02 in steam
(atm.) steam (atm.) (quartz) K Kx(f/p)m20 (atm.)
280 0.036 0.036 1,11 4.1 X1077 3.48 X 1077 0.018
620 .296 0.888 1.37 1.68 X 107% 1.04 X106 0.444
870 .559 2.52 1.61 207 X10—¢ 1.20 X10¢ 1.26
1160 765 4.55 1.88 1.97 X 107% 1.14 X 10°% 2.28
TasLe IV
Basep oN Data oF KENNEDY AT 400°
Wt. % Pging Pgi20(0H)s
fH30 8i0z in  in steam 18102 in steam
(atm.) steam (atm.) (quartz) Ky Ku(f/p)11.0 (atm.)
171 0.040 0.036 1.14 1.08 X 10~% 0.62 X 10-% 0.018
185 .076 .080 1.16 2.01 X108 1.17 X 108 .040
196 .096 .115 1.18 2,54 X 1075 1.24 X 106 .0575
210 118 177 1.23 3.26 X 107 1.37 X 10~¢ .0885
228 136 .245 1.28 3.68 X 1076 1.40 X 10-¢ .123
248 151 340 1.36 4.18 X 107% 1.38 X 108 .170
290 175 .5256 1.561 4.14 X 108 1.20 X 10-8 .263
338 195 .732 1.68 3.81 X107% 1.03 X 106 .366
375 217 977 1.86 3.74 X 107¢ 0.94 X 10-°¢ . 489
438 .230 1.21 2.05 3.08 X10°% 0.77 X 10-¢ .605
TaBLE V
Basep on Dara or KENNEDY AT 450°
Wt. % Psio, Pgi0(0H)6

H20 8i0: in in steam 78102 in steam
(atm.) steam (atm.) (quartz) K, Ki(f/l’)H,o (atm.)

2566 0.047 0.0552 1.17 7.2 X 1077 4,61 X 10-7 0.0276

270 095 142 1.21 1.61 X 107¢ 8.7 X 10-7 071

288 128 .230 1.26 2.20 X 107 1.06 X 106 L1156

315 .160 . 360 1.33 2.73 X107  1.15 X 10°° 180

370 210 630 1.46 3.15 X 107%  1.16 X 10~% 315

425 .248 . 930 1.61 3.20 X 107¢  1.09 X 10~ .465

495 .290 1.31 1.77 3.01 X 1076 (.99 X 10-¢ .653

577 .343 1.80 1.95 2.77 X107 0.91 X 10~ .900

VIR o}

Ll N R

=R O U O

[ N > G |

N W R OO SO N

63

.28

(=2l

.02
.07

'

~N O =

17

.67

K;

X 10-10
X 10-10
X 10710
X 107°
X 1079
X 1079
X 1079
X 1079

K

X 10710
X 10710
X 10—10
X 107*
X 107°
X 107°
X 10710

Ky

7
74
51
34
36
05
75

.36
.69
.71

.23
.48 X 1079
.05
.26
.92
.35
.46
.23

X 107°
X 10—*
X 107°
X 107°
X 197°
X 107
X 102
X 107°
X 10-®
X 107°

K,

X 107°

X 10-°
X 1079
X 1079
X 1079
X 10—°
X 10-?
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Ks(f/p)H20

.55 X 1010
.16 X 10710
.58 X 10-10
.20 X 10—*
.98 X 10°
.21 X 10™°
4 >< 10—10
.68 X 10-10

Ks(f/p)HS0

X 10710
X 10710
X 101
5 X 10710
3 X 10~
.0 X 10710
.44 X 10710

1
.6
4

DO Gt 00 W o W Ot

Ki(f/p)H:0

6 X 1071
.2 X 10-10
.3 X 10710
.40 X 10710

Ks(f/P) 10

.68 X 10~°
.51 X 10~°
.70 X 10~
.66 X 107°
42 X 10~°
.00 X 1079
.38 X 10~?
.91 X 10~
.67 X 107
.43 X 107°

OO O~ RN

Ks(f/P)H20
7.8 X 1071
13.4 X 1010
14.6 X 10-10
13.7 X 10-10
X 1010
10-10
10-10

10.8
8.0
4.8
4.1 10—

X
X
X
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Table VI
Based on Data of Kennedy at 500°
wt. % RsiO; RsiiCHOH)«
RhiO /HiO SiOa in in steam /si02 in steam
(atm.) (atm.) steam (atm.) (quartz) Ki KI{f/v) HiO (atm.) K, Ki(f/p) HO
500 310 0.069 0.103 1.19 8.9 X 10%7 55 X 10*7 0.0515 1.22 X 10“9 7.6 X 1010
600 330 .108 194 1.24 1.39 X 10-' 7.8 X 10%7 .097 1.66 X 10“9 9.3 X 10*10
750 383 .164 .369 1.31 1.92 X 10“6 9.8 X 107 .185 1.92 X 10“9 9.8 X 1010
1000 460 .238 714 1.42 2.37 X 10-« 10.9 X 10%7 .357 2.03 X 10%9 9.4 X 10“19
1250 537 .300 1.13 1.56 2.51 X 10%6 10.8 X 107 .565 1.50 X 10“9 6.5 X 1010
of polymerization and dehydration depends on the This result indicates that the concentration in the

temperature, pressure and duration of the experi-
ment. Hence, Straub’s starting material was not
clearly defined; several solid phases may have been
present.

If we assume that the volatile species is SiD (0H )6
or Si(OH)4 some of the possible reactions involved
in his experiment can be written as

vapor above the glass should be the order of three
times that above the quartz. The observed ratio
of vapor pressures is about two to one, except at
2000 p.s.i. where it is seven. Since the ratio of
vapor pressures is very sensitive to small changes
in AF, the calculated ratio of 3 to 1 may be too
low because of the use of an inaccurate value for
AF. Also, experimental error in the value of one

_Sio(OH)z(amorph) * HD(9) >_Si(OH)4(g) ") of the measured vapor concentrations may be
2Si0(OH)2amorph) + HD(g) ~  SiD(0H)EQ) (8) responsible for the high value. Since Morey and
Si02amorph) + 2H2D(g) Si(OH)4(g) 9) Hesselgesser obtained indications that crystalliza-

2Si022amorph) + 3HXD(g) < > SiD(O0H)Eg)  (10)
SiD(OH)&amorph) + H2(g) 2Si(OH)4g) (11)
SiD(OH)B&amorph) < > SiD(0H)EQ) (12)

If we neglect the change in fugacity with pressure
(which can be done more readily since the pressure
in these experiments was not higher than 30
atmospheres) and plot the logarithm of the partial
pressure of the gaseous siliceous species vs. the
logarithm of the steam pressure, the slope of the
curve obtained should be intermediate between
0 and 3, if several of the equilibria (7)-(12) are
simultaneously involved. When Straub’s data at
260 and 316° over the pressure range 67-120 p.s.i.
are plotted in this way, a slope of 2.4 is obtained
for both temperatures. This result is consistent
with the picture developed above.

Volatility of Silica from Silica Glass.—Morey and
Hesselgesser also obtained data for the volatility
of silica in steam in contact with silica glass. As
expected, the concentration in the vapor phase was
considerably greater than when quartz was the
solid phase, but no quantitative estimate of the

tion to quartz occurred during the experiment, their
conditions did not represent a metastable equilib-
rium between the glass and the vapor phases.
Therefore, in accord with the observation, the
measured concentration of the vapor phase would
be expected to be somewhat lower than that cor-
responding to the metastable equilibrium condi-
tions.

Volatility of Silica from Aqueous Solution.—
Data which have been obtained for the equilibrium
of silica between the vapor phase and a liquid solu-
tion phase are not nearly so clear-cut as data ob-
tained for a solid. The results of Jacklin and
Browar8 illustrate this quite clearly. Figure 1 is
taken from their paper and “shows the ratio of
silica in the steam to silica in the boiler water,
expressed in per cent., plotted against the silica
concentration in the boiler water. The pH of
the boiler water was in the range of 10-11 and the
pressure was 1500 p.s.i.” A possible explanation
for the wide variability in the results is given below.

0.60

expected increase was made. An estimate of the . o 0
difference can be obtained from the relation J; 0.50 A

AF = ~ 23RT log(iyPi) (13) Jj 040 aA A
in which AF is the free energy change accompany- "o 0 S
ing the transition from silica glass to quartz and fl A OA
Pi and Pi are the vapor pressures of the volatile L
silica-containing species when in equilibrium with ) © A L A
glass and quartz, respectively, with the pressure of @ 0 * A \
water vapor maintained constant. At 25° the  §°2° %% &, 0 ACAS A
value of AF for the glass to quartz transition is  w orso A Aar A
—1.5 kcal./mole9; this value would not change  fi 0.10 &0
greatly with increase in temperature up to 400 g 0
or 500°. At 400° we obtain 2 0.00

0 2 50 7 10 1B 1 16
P2 _ 1.5X 103 ST
0g Pi (2.3) (1.986) (673) 0.49 . . SI|IC-a'In Pmler water (ppm) .
PPPI = 31 Fig. 1.—Ratio of silica in steam to silica in boiler water as a

(9) National Bureau of Standards, Circular 500, "Selected Values
of Chemical Thermodynamic Properties," U. S. Government Printing
Office, 1952, p. 148.

function of boiler water silica concentration.

The equilibria in the aqueous solution can be
represented by the equations
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Si(OH)4(soln) Si(OH)4(gas) (14)
Si20(0T1)6(Roln) ~+1 Si20 (0 H )6(gas) (15)
Si(Oll)4(soln) < > SIO(OH);i_(soln) + H +(soln) (16)

Si->0(011)o(soln) + 11a0~+12SiO(OH)3-(soln) + 211+
(17)
It is seen that if equation (16) or (17) is driven
to the right by removing the hydrogen ion, as in
a basic solution, the equilibrium (14) or (15) will
be shifted to the left, thereby reducing the silica
in the gas phase. A rough estimate of the magni-
tude of the effect of changing the pH from 10 to 11
can be obtained by using the reported value of the
ionization constant of orthosilicic acid at 25°.
The value will certainly be quite different under
the actual conditions of the experiment, so only
a semiquantitative answer can be expected. The
equilibrium constant of reaction (15) above, given
b
Y [H+] [SiO(OH)3-

K = ] (18)
[Si(OH)4
is reportedD to be K = 22 X ICRI0 Let us
choose the following conditions: pH = 10; total
silica concentration in solution = 25 p.p.m.; let

SiO(OH)3 = x. Ignoring activity coefficients,
equation (18) becomes
[10-19 [x] 22 X 10D
j25 X 10~3 _ '
60

Solving, we obtain

X = 2.9 X 10~4mole/liter, and

[SI(OIT)4 = (4.2 X 1(R4 - x = 1.3 X HR4molelliter

(10) Landolt-Bdrnstein, “Phjrsikalish-Chemische Tabellen,” 5th
Edition, 2nd Supplement, Julius Springer, Berlin, 1931, p. 1080;
republished by Edwards Bros., Inc., Ann Arbor, Michigan, 1943.

M. R. CINES and F. N. Rttehlen

Vol. 57

For the same total silica concentration and a pH of
11, we obtain x 4.0 X ICR4 mole/liter and
[Si(OH)4] = 42 X 1(R4- x = 0.2 X HR4mole/
liter. This means that for the same total silica, the
concentration of Si(OH)4in solution and hence in the
gas phase is 6.5 times as great when the pH is 10
than it is when the pH is 11. It must be em-
phasized that this estimate is based on data ob-
tained at 25° but is expected to be of the correct
order of magnitude for the experimental conditions.
This variation easily accounts for the spread in the
data of Fig. 1. For reproducible results, the pH
must be maintained constant.

Conclusions

The conclusions to be obtained from the above
discussion are the following.

(1) The volatile silica-containing molecular
species obtained from the reaction of steam with
silica are most probably both Si(OH)4 and SiD-
(OH)6 with the former predominating at higher
pressures and the latter at pressures below about
300-400 atmospheres. The data can undoubtedly
be fitted with other assumptions for the volatile
species, but Si(OH)4and Si2 (0H )6are considered
to be the most reasonable chemically.

(2) Experiments to establish the formula should
involve the equilibration of water vapor with
crystalline quartz, and the temperature and pres-
sure should be far enough away from critical con-
ditions so that the vapor pressure is a reasonable
measure of the activity.

(3) In any experiments carried out with a
siliceous species in solution, the pH of the solution
should be accurately controlled.

SELECTIVE ADSORPTION—2,4-DIMETHYLPENTANE-BENZENE-SILICA
GEL AT 65.6°

Br M. R. Cxnes and F. N. Rttehlen

Phillips Petroleum Company, Research and Development Department, Research Division, Bartlesville, Oklahoma
Received February IS, 1958

Liquid phase studies of selective adsorption as a means of separation of hydrocarbons by type do not yield any indication

of the variation of selectivity with surface coverage.
2,4-dimethylpentane-benzene vapors on silica gels.

Therefore, a study was made of the selective adsorption of mixtures of
Four isotherms were established at 65.6° using two silica gels of differ-
ent pore size distribution in a system which circulated mixed vapor of constant composition over the adsorbent.

The re-

sults showed that, for the gel with essentially monomolecular adsorption, the selective action of the surface increased quite

regularly with increasing pressure up to the saturation value.
mum selectivity at a pressure of about 140 mm.
saturation.
magnitude than that occurring in the monolayer.

Introduction

Since the demonstrationl that selective adsorp-
tion could separate hydrocarbons by type, consider-
able interest has developed in the phenomenon both
as an analytical technique and, more recently, as a
commercial operation. Because these processes
involve adsorption from the liquid phase, they give
no indication of the variation of the selective action
of the adsorbent as a function either of surface
coverage or of multilayer buildup. There is no

(1) B. J. Mair and A. F. Forziati, 3. Research Natl. Bur. Standards,
32, 165 (1944).

In contrast, the gel yielding a sigmoid isotherm had a maxi-

Thereafter, the selectivity decreased rapidly as the pressure approached
Thus, although some selective action persists in the multilayers, the efficacy of such selective action is of a lower

information as to how the separation efficiency
changes during the approach to saturation, for such
data must be obtained through vapor phase ad-
sorption studies.

The older literature on mixed adsorption2 does
not contain systems analogous to the hydrocarbon
separation. Most of the systems were studied far
from saturation conditions. Those which did
survey the approach to saturation utilized two
widely different molecular species. The more

(2)
University Press, Princeton, N. J., 1945.

S. Brunauer, “The Adsorption of Gases and Vapors,” Princeton
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recent work of Innes and Rowley3was done under
conditions of constant surface composition. There
are not sufficient data presented to convert to
constant vapor composition so that the selective
behavior can be studied. Arnold’s study4 of
0 2N 2mixtures represents the type of investigation
of the surface variation of selectivity which is of
interest in hydrocarbon separation. The pro-
nounced selectivity of the anatase surface for N2
at low surface coverage is quite obvious. Examina-
tion of Arnold’s results shows, at relative pressures
at least as low as 0.05, that the selective action of
the adsorbent decreases continuously and quite
markedly with increasing adsorption. It appears
from those results that nitrogen is much more
strongly adsorbed at very low coverage than oxygen.
Whether or not lhe behavior of hydrocarbon mix-
tures would follow this same pattern could not be
predicted.

To observe the effect of both surface coverage
and multilayer buildup, it was obvious that two
different silica gels should be used, one having
Type | isotherm and the other Type Il. Selec-
tivity as a function of surface coverage could best
be studied using the Type | gel which exhibited
only monolayer adsorption. Conversely, selec-
tivity beyond the monolayer could only be ob-
served with the Sigmoid isotherm of the Type II
gel. To eliminate, as far as possible, differences in
vapor pressure, hie aromatic and paraffinic hydro-
carbons selected were benzene and 2,4-dimethyl-
pentane, which have identical vapor pressures at
65.6°.

Experimental

Materials.— Benzene— “ pure grade” supplied by Phillips
Petroleum Company. Purity guaranteed greater than 99%
R .1.20¢ 1.50122, d200.87912. Corresponding APl Project!!
values5for pure materialarer .1.20¢ 1.50110, and d200.87903.

2,4-Dimetihylpentane— “ pure grade” supplied by Phillips
Petroleum Company. Purity guaranteed greater than 99%
R .1.20¢ 1.38157, d2* 0.67285. Corresponding APl Project
44 values5 for pure material are R .1.20¢ 1.38145 and d2
0.67270.

Silica Gel— Type I— Davison Silica Gel #08-08-237, 14-30
mesh. Type I1— Mallinckrodt Silicic Acid— 200 mesh. To
eliminate pressure drop in the adsorption cell, this gel was
cast into small pellets using a gel-d:stilled-water paste with-
out any binder.

Apparatus.— The adsorption apparatus utilized a recircu-
lation principle. A separate thermostated liquid reservoir
set the system pressure and the vapor phase composition.
Two Toepler pumps operating 180° out of phase, circulated
vapor from the vapor space in the liquid reservoir through
the adsorbent and back through the liquid in the reservoir.
Pressure in the system was measured either by a Zimmerli
gage, up to 100 mm., or by an external manometer operating
through a pressure balance. The adsorption cell, Toepler
pumps, Zimmerli gage and pressure balance were all en-
closed in a thermostated air-bath maintained at 65.6 *
0.05°. The lines ccnnecting apparatus in the air-bath and
the liquid reservoir were traced with electrical heaters to
prevent condensation. Provision was made for obtaining
liquid samples from the reservoir without introducing air
into the system.

Procedure.— Before admitting the desired 2,4-dimethyl-
pentanc-benzene liquid mixture to the reservoir, the entire
system was evacuated. During this pumping period the
adsorbent was heated to 205°. When the liquid entered the
reservoir, a small amount was allowed to vaporize to remove

(3) W. B. Innes and li. H. Rowley, This Journal, 51, 1172 (1947).

(4) J. R. Arnold, J. Am. Chem. Soc., 71, 104 (1949).

(5) “Selected Values of Properties of Hydrocarbons,”
Natl. Bur. Standards C4f>l (1947).
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any air admitted. The vapor in equilibrium with the liquid
reservoir was then circulated over the absorbent, now at
65.6°, for 1.5 to 2.5 hours to establish equilibrium. (By
experiment, it was found that there was no significant dif-
ference in results between 1.5- and 5.5-hour equilibration
periods). The adsorption cell and the liquid reservoir were
then isolated from the rest of the system which was evacu-
ated. Thereafter, the adsorbate was desorbed at 205° and
condensed in sample collecting ampoules at liquid nitrogen
temperatures. Liquid samples were collected directly from
the reservoir. The adsorbate was weighed and both the
adsorbate and liquid reservoir samples were analyzed by re-
fractive index measurements using the 5-place Precision
Bausch and Lomb refractometer. In the early stages of this
investigation, vapor samples were collected and analyzed
by ultraviolet adsorption. However, it was found to be
more reliable to analyze the liquid phase and then determine
the vapor phase from the vapor-liquid equilibria measured
for this system.

Results and Discussions
Vapor-Liquid Equilibria—The adsorption ap-
paratus was used to determine vapor-liquid equi-
libria in the 2,4-dimethvipentane-benzene system
by operating the unit without adsorbent. The
results obtained in Table | were extrapolated to
to 65.6° to yield the phase diagram in Fig. 1
According to these results the azeotropic composi-
tion at 65.6° and 550 mm. is 55 mole per cent, ben-
zene. Horsley6 reports the azeotrope as 56.6 mole

per cent, benzene at 760 mm. and 75.2°.

Table |
Vapor Liquid Equilibria for 2,4-Dimethylpentane-
Benzene Mixtures
Temp., Pressure, Mole per cent. benzsne
°C. mm. Liquid Vapor
8.2 49.1 22.8 28.7
8.2 49.6 22.7 28 8
42.1 220.8 22.3 28.8
60.3 419.3 21.8 28.8
7.9 50.3 41.7 43.8
41.5 220.8 41.9 45.6
59.1 419.7 40.9 45.9
4.5 42.6 63.2 59.0
40.7 217.5 62.9 60.6
58.1 411.9 63.1 61.3
6.9 46.3 82.0 73.6
41.3 216.9 82.0 75.1
41.4 216.9 83.0 76.4
58.8 412.8 83.4 76.7

Adsorption—The adsorption of the individual
components, benzene and 2,4-dimethylpentane, on
the Type | gel is shown as the upper and lower
curves, respectively, of Fig. 2. The isotherms for
these two pure hydrocarbons were found to be
fitted quite well by the Langmuir equation. From
the straight lines obtained on plotting p/v vs. p,
Vm values of 4.64 and 2.85 millimoles per gram
were found for benzene and 2,4-dimethylpentane,
respectively. The behavior of these two hydro-
carbons is in line with their molecular areas cal-
culated from the equation (M/Np)!/i where M is
molecular weight, N is Avogadro’'s number and p
is the liquid density at the equilibrium temperature.
However, because the heptane's symmetry is
lower than benzene's, the monolayer contained
roughly 13% less heptane than was calculated from

(6) L. H. Horsley, ind. Eng. Chem., Anal. Ed., 19, 508 (1947).
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MOL PER CENT BENZENE.
Fig. 1.—Liquid-vapor equilibria at 65.6°.

the benzene adsorption and the ratio of the molec-
ular areas. Nitrogen surface area of this Type |
gel was 618 m.2g.; for the Type Il gel the corre-
sponding area was 637 m.2g. The pure component
isotherms were not determined on Gel I1I.

In the study of mixed adsorbates, three isotherms
were measured for Type | gel and one for the Type
Il gel at as nearly constant vapor phase composition
as practical. The Type | gel results are the three
curves lying between the pure component isotherms
in Fig. 2. As might be expected, the total number
of millimoles adsorbed increases quite regularly
with increasing benzene concentration in the
equilibrium vapor. The behavior of the two com-
ponents over the pressure range studied is shown
quite clearly for a single isotherm in Fig. 3. While
the total adsorption curves in Fig. 2 give no indica-
tion that actual replacement of heptane by benzene
occurs as the saturation pressure is approached, the
component isotherms in Fig. 3 demonstrate the
phenomenon vividly. The selective adsorption can
be shown more lucidly by considering the vapor-
adsorbate relative distribution coefficient (Kr)
which is defined as the ratio of the distribution

coefficient for benzene to that for 2,4-dimethvl-
pentane. Figure 4 shows the variation of Kr as a
function of pressure, i.e., surface coverage, for the
three mixed adsorption isotherms. The increasing
values of Kr as saturation is approached indicate
the higher selectivity for benzene. The rise in the
value of Kr with decreasing benzene concentration
in the vapor phase is in accord with similar results
found in other separation processes.78

Langmuir-type equations for mixed adsorption
developed by Markham and Benton9are

1 -j- bipi + bipi
where 8i is the fractional surface coverage for com-
ponent 1, pi is partial pressure of component 1 and
bi is a constant obtained from the isotherm of

(7) R. E. Treybal, “Liquid Extraction,” McGraw-Hill Book Co.,,
Inc., New York, N. Y., 1951, p. 90.

(8) M. R. Cines, J. T. Roach, R. J. Hogan and C. II.
Chem. Engr. Progress, to be published.

(9) E. C. Markham and A. F. Benton, J. Am. Chem. Soc., 53, 497
(1931).

Roland,



Oct., 1953

Fig. 3.— Component distribution on Gel I;
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av. vapor 49.6 mole % benzene, t = 65.6°, p0 = 549 mm.

PRESSURE MM. Hg.

Fig. 4.— Pressure-selectivity relationship, 65.6°, Gel I.

pure component 1. The results of applying these
relations to the mixed adsorption isotherm at
49.6% benzene in the vapor phase are given
in Fig. 3 as the dotted curves. While the Lang-
muir equation is applicable to the single adsorbate
studies, it is obviously inadequate to present the
behavior in this mixed adsorbate system. From
this comparison, the adsorption of benzene appears
to exceed theoretical values while heptane falls
considerably short of theoretical. However, these
equations do yield a correct representation of total
adsorption. The sums of the two -calculated
values give results which are in reasonable agree-
ment with experimental values; average deviation
of sums of the calculated points from the experi-
mental results is approximately 4%.

The mixed adsorption isotherm for the Type Il

gel is shown in Fig. 5. The isotherms for each
component adsorbed from the mixture are also in-
cluded. The replacement of 2,4-dimethylpentane
by benzene as found with the Type | gel is not
apparentin thiscase. Limitations in the apparatus
prevented measurements at pressures low enough
to study the portion of the isotherm where mono-
layer coverage predominates. If, once again, the
selectivity of the adsorption is represented by the
relative distribution coefficient, K r, the relationship
with pressure is quite different from the previous
observation. In Fig. 6, the curves of Kr vs.
pressure are shown for both gels at approximately
50% benzene vapor composition. The value of K r
for the Type Il gel appears to go through a maxi-
mum value at approximately 140 mm. pressure,
or a relative pressure of 0.25. According to a
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Fig. 6.— Pressure-selectivity relationship: A, Gel I; O, Gel II; t = 65.6°, p0 = 549 mm., vapor approx. 50% benzene.

BET Dplot, the Fmvalue is 1.57 millimoles per gram
at 70 mm. Because calculated values of k » are
quite sensitive to the composition of the phases,11
the exact shape of the curve of Rut vs. pressure is
somewhat uncertain. Therefore, although the
maximum indicated in Fig. 6 corresponds to a
pressure somewhat higher than that calculated for
monolayer coverage, there is sufficient uncertainty
to allow an assumption that maximum selectivity
occurs at the completion of the monolayer. Fur-
thermore, this maximum value approximates
closely the value which the Type I gel approaches at

(10) S. Brcmauer, P. H. Emmett and E. Teller, 3. Am. Chem. Soc.,
60, 309 (1938).

(11) The values of X r magnify any uncertainties in the analysis
of the phases. Accordingly the scatter in K r values increases as the
values themselves increase. Thus, for the region of Kr = 3.0, an un-

certainty of 1% in the adsorbate composition produces a correspond-
ing uncertainty of approximately 5% in K r.

saturation. Thus, Kr of the order of 3.5 is prob-
ably representative of the separation efficiency of
the monolayer. It should be understood that KR
represents an integrated selectivity. It is based
on the composition of the adsorbed phase at a given
set of conditions. Therefore, even though adsorp-
tion beyond the monolayer were non-selective,
k r values would not fall to unity immediately.
Selectivity of multilayer adsorption can be evalu-
ated only from the slope of the « r vs. pressure
curve. If non-selectivity is assumed for the second
and successive layers, calculations show that the
slope of the curve would be somewhat greater than
the experimental results in Fig. 6 show to be the case.
Thus, although some selectivity persists in the multi-
layers, it seems evident, that selectivity is vested pri-
marily in the monolayer and the efficacy of the
separation in the multilayers is of lower magnitude.
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The rate of formation of precipitates of nickel oxalate in solutions containing nickel sulfate and oxalic acid has been

studied by turbidimetric and dilatometrie techniques which cover successive stages of the reaction.
derived relating the rate of formation to the initial concentrations of nickel sulfate and oxalic acid in the solution.

Equations have been
A mecha-

nism based on the formation and subsequent rearrangement of a complex ion is suggested.

The work described in this paper is part of a
general study of the properties of the oxalates of
divalent heavy metals in the solid state. Nickel
oxalate is an example of this class of compounds
and may be prepared by the reaction in solution
between a soluble nickel salt and oxalic acid.l
This reaction does not, however, proceed by a
simple ionic double decomposition mechanism;
an induction period is observed and the rate of
precipitation depends markedly on the concentra-
tions of the reactants in solution. The present
work was undertaken to establish these relation-
ships.

Experimental

Stock solutions of nickel sulfate and oxalic acid of normal
strength were prepared from high grade chemicals and di-
luted as required. When a solution of nickel sulfate of,
say, 0.3 A is added to one of oxalic acid of the same strength
— the order of addition is immaterial—no precipitate at
first appears. After some minutes the solution becomes
cloudy, the solid particles increase in size and subsequently
settle out. Two techniques have been employed to follow
these processes.

(i) Turbidimetric Method.— This method is useful for
following the very early stages of the reaction which is
carried out in the cell of a photoelectric colorimeter. The
instrument scale, graduated logarithmically from 0 to 100,
gave directly the percentage of light cut off by the solution.
A green filter was used throughout and the instrument was
adjusted to read zero with distilled water in the cell. The
solutions were mixed in the required amounts to make up a
total volume of 10 ml., the cell inserted in the colorimeter
and the scale reading followed with time as the optical den-
sity of the solution increased.

As it is not possible to relate the scale reading, R, directly
to the amount of precipitate present, the assumption was
made that dR/dt was proportional to the rate of formation
of the precipitate. The method was used only for the very
early part of the reaction when no visible settling took place.

(ii) Dilatometric Method.— The required solutions were
mixed and drawn rapidly into a dilatometer. The rate of
change in volume of the reaction system as the precipitation
proceeded, which is proportional to dH/dt where H is the
reading of the liquid level in the capillary, was taken as a
measure of the rate of precipitation. The volume of the
bulb of the dilatometer was 93 ml. and the capillary diame-
ter was 0.8 mm. The solutions and dilatometer were main-
tained at 20 =+ 0.05°.

These two methods are complementary in that, the part
of the reaction measured in the colorimeter precedes that
which causes a significant increase in volume in the dilatome-
ter.

Results

In the turbidimetric experiments, the graph of the
scale reading against time gave an s-,shaped curve
with a long central straight portion, the slope of
which, St, was taken as the rate of formation of the
precipitate. Measurements were made at five differ-
ent oxalic acid concentrations. The slopes, St,

1) N. V. Sidgwick, “The Chemical
pounds.” Vol. 2, Oxford University Press, London, 1950, p. 1435.

Elements and their Com-

plotted against the excess concentration of oxalic
acid, C, are shown in Fig. 1. For concentrations
of oxalic acid equal to or greater than those of nickel
sulfate

St —hic A 1)

where hi and h2are both functions of the concentra-
tion of nickel salt, E, given by

hi =
hi =

hEJ (2)
k;E32 3)
The over-all equation is, therefore

St = kiEsC + hE A (4)

where hi = 2820 and f2 = 43.6 when C and E are
expressed as normalities and Szas the number of
scale divisions per minute.

Fig. 1.—A, 04 A; B, 0.3 A; C, 0.25 N;

0.15 Ab

D, 0.2 A, F,

The dilatometric experiments were carried out on
the same plan. The graph of the capillary reading
against time again gave an s-shaped curve with a
long central straight portion, the slope of which, N,
was taken as the rate of formation of the precipi-
tate. The results are shown in Fig. 2 in a manner
analogous to Fig. 1. For concentrations of oxalic
acid equal to or greater than those of nickel sulfate

Sd = hC + }h (5)
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where h3and hi are both functions of the concentra-
tion of the nickel salt, E, given by

fe = kB —R\ (0)
and
hi —k$Es (7
The over-all equation is therefore
& —E—kKi)C -F KEr 8

where fci3 = 16.15, ki = 2.0 and fi = 8.4 when C
and E are expressed as normalities and Sa in cm.
min.“1

Fig. 2—A, 0.4 Ar; B, 0.35 N;
0.2 N.

C,0.3N; D, 0.25 A'; E,

Equations 4 and 8 do not hold when the nickel
sulfate is in excess. In these circumstances the
rates tail off asymptotically with decreasing acid
concentration; the induction period increases with
decreasing salt and acid concentration and is con-

J. A. Allen

Vol. 57

siderable at the lower concentrations, especially
when the salt is in excess.

Discussion

Nickel oxalate is known to exhibit a strong tend-
ency to self-complex formation23 it is suggested,
therefore, that the first step in the reaction involves
the formation of a soluble complex represented by
the equation

2NiSO4(aq) + 2H2XD4(aq) < >
[Ni(CD 9 - Ni++ (aq) + 2H2504 (aq)
The equilibrium constant is ~10 134so that forma-

tion of the favored complex ion would account for
the existence of an induction period and for the
longer periods and slower rates of precipitation in
the presence of excess nickel sulfate.

In the early part of reaction studied turbidi-
metrically, for equinormal conditions the direct
rearrangement

[Ni(CD 492 - Ni++(ag) — 2Ni CD 42HD(s) (5)

would give rise to a term in the rate equation
proportional to the square root of the complex ion
concentration, that is, to EA. There is good
evidence that this step proceeds heterogeneously
on the walls of the vessel. In the presence of excess
oxalic acid the complex is rendered less stable, the
decomposition yielding an additional term propor-
tional to the product of the concentration of the
complex ion, E3 and the excess oxalic acid concen-
tration, C. These two steps account for the
experimental equation 4.

In the dilatometric range the solution is already
cloudy with small crystals of solid oxalate dispersed
in the solution. Growth may proceed by the
breakdown of the complex ion at the surface of
existing crystals, giving rise to a term proportional
to the concentration of the complex ion, E3 and,
in the presence of excess oxalic acid, by direct ionic
addition to the existing crystals yielding a term
proportional to EC. The additional retardation
term, —KiC in 8 is attributed to the solubility of
the freshly deposited oxalate in the solution con-
taining excess oxalic acid. These three processes
would account for the experimental equation 8.

(2) R. Scholder, E. Gadenne and H. Niemann, Ber., 60, 1510 (192?j

(3) R. Scholder, ibid., 60, 1525 (1927).
(4) G. Sartori, Gazz. chim. Hal., 64, 3 (1934).
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The system strontium chloride-calcium chloride-water has been investigated between 18 and 114°. No double salt has
been found within this temperature range. The hexahydrates of the chlorides form solid solution crystals of complete misci-
bility belonging to Roozeboom'’s type I, the cell axes of these crystals being slightly shorter than those calculated from Ve-
gard’s law. The dehydrating properties of the concentrated calcium chloride solutions cause an appreciable lowering of the
transition temperature strontium chloride hexahydrate-dihydrate so that the field of stable existence of strontium chloride

dihydrate overlaps the region of stability of the solid solution of the hexahydrates.
a continuous miscibility of the end phases is interrupted by a gap within which the stable
The boundary curve between strontium calcium chloride hexatydrate

solid solution diagram appears:
phase is a compound not belonging to the end phases.

(solid solution) and strontium chloride dihydrate has a temperature minimum at28.2 +

In this way a new type of isothermal

0.2°. The invariant point at which

strontium calcium chloride hexahydrate (solid solution) is in equilibrium with e-calcium chloride tetrahydrate, strontium

dihydrate and liquid isat29.4 + 0.1°.

Another invariant point occurs at 44.9 *

0.2° at which temperature a-calcium chlo-

ride tetrahydrate may exist in equilibrium with calcium chloride dihydrate, strontium chloride dihydrate and liquid. At

higher temperatures strontium chloride monohydrate is deposited, its lowest formation temperature being at 76 + 1°.
The observations on the system are combined in a synopsis diagram.

X-ray interferences of this new compound are given.

In an earlier paper,1the results were reported of
an investigation on the equilibrium between stron-
tium chloride and alkali chlorides i:i aqueous solu-
tions, with regard to the crystallization of salt
from certain brines. Calcium chloride is also a
usual component of such brines. Among the crys-
talline phases in salt deposits strontium chloride
should occur either as a pure compound or in
phases in which it could be combined with other
components, although these phases have not yet
been observed and recorded. It may be suggested
that the phases containing strontium chloride could
be utilized as temperature indicators for the crys-
tallization of the salt deposits and it would there-
fore be of considerable interest to know the equilib-
ria in the systems containing the chlorides of the
alkalies as well as those of calcium and strontium.

Experimental

The experiments were performed as described in the earlier
papers. Some difficulty was encountered in finding a rapid
and accurate method for the determination of calcium and
strontium chloride when occurring together. An indirect
physical chemical method, based on the electrical conduc-
tivity of the aqueous solutions, was tried and worked out;
it is described elsewhere.2 For the elucidation of the char-
acter of the crystal phases the methods of optical micros-
copy, of thermal analysis, and of X-ray identification were
used. In this work the equilibria between 18 and 114° were
studied.

In the tables all determinations are given as weight per
cent.

Discussion of the Results

It can be expected that the calcium chloride in
the solutions will depress the solubility of stron-
tium chloride. This appears in fact in the iso-
therms; the solubility of strontium chloride in con-
centrated calcium chloride solutions is very low
(about 1-2%). As the water of crystallization of
strontium chloride hexahydrate is partly loosely
bound, the transition temperature of strontium
chloride hexahydrate-dihydrate should be lowered
appreciably with increasing calcium chloride con-
tent.

The transition temperature strontium chloride
hexahydrate-dihydrate is at 61.3° in the binary

(1) G. 0. Assarsson, This Journal, 57, 207 (1953).
(2) G. O. Assarsson and A. Balder, Anal. Chem., 24, 1679 (1952)

The

system strontium chloride-water, and in the
present ternary system the strontium chloride
dihydrate has its lowest formation temperature at
28.2°. The transition temperature of calcium
chloride a-tetrahydrate-dihydrate is insignificantly
affected by the presence of strontium chloride;
the temperatures are 45.3 and 44.9°, respectively,
in the binary system calcium chloride-water and in
the present ternary system (Table I, point E).

The equilibria in which the hexahydrates of
calcium and strontium chlorides are present have a
certain interest. Eppler3 has shown by gonio-
metrical measurements that the hexahydrates are
isomorphous and trigonal. Herrmann4 and later
Tovborg-Jensen6have recorded that the two phases
mentioned have a unit cell of almost the same
dimensions. Because the hexahydrates are iso-
morphous and there is no considerable difference
between the ionic radii of Ca2+ and Sr2+, they
should be able to form solid solution (mixed crys-
tals). The study of the isothermal equilibria in
the present investigation has shown the conditions

for the formation of the solid solution. The iso-
therms between 18.0 and 28.0° have no breaks
indicating isothermal invariant points. Instead

of the break there is a flexure on the curves, which
are S-shaped close to the calcium chloride axis of
the diagrams (see Table | and Fig. 1, the iso-
therms at 18.0 and 28.0°), and the composition of
the solid phase changes successively with the con-
centration of the mother liquor, two characteristic
phenomena shown when a solid solution crystallizes.
It can be estimated from the tie-lines of Fig. 1
that a solid solution containing equal parts of the
two hexahydrates requires a mother liquor con-
taining 1.4-2.1% strontium chloride and 39-42%
calcium chloride between 18.0 and 28.0°. The
distribution diagram according to Roozeboom
(Fig. 2, 28.0°) illustrates the dependence of the
composition of the solid solution on the concentra-
tion of the solutions. As the curve first follows
very close to one of the axes of the distribution

(3) A. Eppler, Z. Krist., 30, 149 (1899).

(4) L. Herrmann, Z. anorg. allgem. Chem., 197, 212 (1931).

(5) A. Tovborg-Jensen, Danske Videnskdb. Sehkab.,
Medd., XVII, 9 (1940), (Copenhagen) (English).

Mat.-fys.
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Symbols for the solid phases,

Solution

SrCh

34.15
26.9 6.
18.0 14.
4.0 31.
3.0 33.
2.1 35.
1.9 37.
1.4 38
1.1 39.
0.7 40.
0.5 40
0.4 41.
0.3 41.
42

36.6
17.6 17
6.0 30.
3.4 35.
2.7 40
2.2 41
2.1 42.
1.7 43.
1.5 44
1.0 45,
1.1 45.
1.0 46
0.6 46.
47.
2.6 40.
2.6 40.
2.4 42
2.3 42
1.7 44.
1.6 44
1.3 44
1.2 45,
1.0 46.
0.8 46
47.

36.8
20.0 16.
6.4 30.
2.8 39
2.9 40.
2.9 41
2.5 42
2.5 42
1.7 44

diagram up to a very high concentration of one of
the components, and then follows the direction of
the other axis, it can be concluded that the forma-

Gunnar O. Assarsson Axrd Amo Balder

used

Tabite |

Tiie Ternary System SrCF-CaCh-EhO

in the tables: a, SrCI2-6HD;
e. CaCl-v2H*0: f. solid solution of SrCIs-GHsO and (3aClr6H?0: k. SrCIrBhO.

Wet residue
SrCh CaCl2

w 18°
6
6
2 42.0 10.5
3 41.2 12.2
5 40.3 13.6
7 27.6 22.4
7 22.5 28.4
7 18.9 31.2
4 10.0 40.6
.6 5.0 43.0
2 1.5 46.0
4 1.0 48.9
.05

28.0°
.2 44.8 6.3
7 39.0 7.0
4 35.7 16.0
.1 34.6 19.0
7 20.4 31.4
3 15.9 35.4
6 11.1 39.4
.3 5.3 44.0
2 5.7 44.7
9 2.9 47.1
.1 2.4 47.3
6 1.6 48.3
2

28.5°
3 33.6 20.3
9 22.8 29.0
.2 52.9 16.1
7 52.5 17.0
1 52.1 17.6
.2 8.7 41.1
.6 8.2 42.1
2 6.6 43.9
0 3.5 46.0
.9 2.9 47.1
9 49.5

29.0°
0 55.0 2.0
6 39.1 12.0
1 34.9 19.1
6 33.0 21.0
6 58.7 13.1
0 55.0 15.0
5 57.7 14.5
0 59.7 11.7

Solid
phase

O =h =h =h —h =h —h =h —h —h —h —h —h

O = = - - o o O —h — O =h =h =h =h —h —h —h —h —h —h —h —h

T T T o = -+ o

Solution
SrCI2 Cal
1.7 44:
1.6 44,
1.4 45.
1.4 45,
1.1 46
0.9 47.
12 48.

49
3,7 38.
3.5 39.
3.4 40
2.7 41.
2.5 42.
2.3 42
1.9 44,
1.7 46.
1.4 47
0.7 48
0.3 49.

49.
37.0
28.7 7
13.5 21
7.4 29.
3.1 39.
3.0 40
2.0 42,
1.4 44,
1.3 46.
1.4 46
1.2 47.
1.2 48.
1.0 49
1.0 49,
0.8 49.

50
9.6 31.
7.2 34.
1.0 55.
1.0 55.
0.9 55.
0.9 56.
0.9 56.

N NN o ®

o R, NN oOO®DNONOOO®

M NVONMNMNNOONDEDNO OO

b, SrCh~"FFO;

CI2

3
6
2

0
3

c, CaCF-GhhO; d,

Vol. 57

crCaCl2-4H2 ;

Some isotherms between 18 and 45°.

For the invariant points (C, D | E,

C 28.2 +

It 1t.9 £

0.2°
D29A +0.1°
0.2°

tion of the solid
ordinary properties of the liquid phase.
plotting methods point to the same conclusion.

Wet residue Solid
SrCI2 CacCl2 phase
54.6 15.5 b
9.6 41.2 f
8.2 42.6 f
5.8 44.8 f
2.6 47.2 f
1.9 48.7 f
0.5 49.0 f
49.8 0
29.3°
41.5 14.2 f
35.9 18.3 f
50.0 11.6 b+ f
55.3 14.3 b
54.7 15.1 b
55.5 14.9 b
54.5 16.0 b
9.0 42.0 f
4.5 46.7 f
1.8 48.7 f
0.9 49.6 f
49.8 c
29.7°
a
57.0 1.0 f
56.3 1.6 f
42.0 10.6 f
35.5 19.0 f
48.4 11.2 b+ f
54.1 14.9 b
52.7 16.9 b
54.8 16.2 b
47.0 21.4 b
47.0 21.7 b
47.5 22.0 b
6.0 49.0 b+ d
0.7 57.4 d
0.5 57.7 d
56.7 d
44.3°
45.7 10.4 f
53.5 13.5 b
0.4 59.7 d
44.7°
35.1 31.9 b
0.4 59.0 d
45.3°
34.0 33.6 b
0.1 69.2 e
in Fig. 5)
Solution
SrCls CacCl2
2.0 42.2 b+ f
1.0 48.5 b+ d+ f
1.0 55.7 D+ d+ e

phase is connected with

extra-
Other
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The plot of log M\ against Rs (R\ = mole ratio of
the dissolved salts, Rs = mole ratio of the solid
phase) and the plot of log (R\V/Rg against the mole
fraction in the solid are not linear, so that the dis-
tribution coefficient is not constant and the solid

Tabte Il

Calculated and Observed Interferences in Powder

Diagrams of CaCll-6H2, SrCl«-6H2, and a Solid Solu- ) L. . ) .
Fig. 2.— Distribution diagrams according to Roozeboom:

tion Containing 50% of Each; CuKa Radiation in solid solution (CaSr)CI26H2 and mother liquor mole
Solid solution fraction 1 = 100% CacCfi.
SrCI26H2 (Ca*.6SrQ5)CI26H20 CaCh-6H!0
Sin2 Sin2 Sin2 Miller . . “ »

Int. caled. obsd. calcd. obsd. caled. obsd. indices SOlution is not “regular.”6 It can hardly be ex-
s 0.0127 0.0130 0.0127 0.0127 0.0128 0.0130 100 pected that the concentrated solutions in which
s 0375 0375 .0380 .0380 .0380 .0382 110 the solid solution in question is formed, would
s -g;‘gg 0477 g;‘g? 0500 8212 0509 ;g(l) correspond to the more “ideal” solution presumed
m .0725 0727 .0750 .0751 .0767 .0760 111 hi such CaIFUIatlons’ .Slnce the.reaCtI0n§ of Con.cen.-
s 0843 0850 .0876 .0875  .0895  .0894 201 trated calcium chloride solutions obviously indi-
w 0878 0887 0893 210 cate that the solutions contain hydrated aggregates.
s 1;;‘ 11122 1;‘5‘2 i;gg 111;; 1;:3 2‘112 The relation between the cell dimensions of the
w-m 1397 1400 1477 1480 1528 1536 002 solid solutlt_)n crystals and their composition could
w 1474 1480 1509 1533 301 be of some mterest.. X-Ray photographs (powder)
m 1504 1510  .1520 1531 220 of some preparations were made. The samples
w-m 1626 1625 1647 1228 1659 iggf ig were exposed to CuKa radiation and the cameras
w-m 1771 1775 .1858 . .1920 . R H
w 1897 1900 1989 1980 2048 o045 202 used had a diameter of 114.7 mm. The mtgrference
m 1971 1972 2016 2011 2044 311 measurements of a preparation containing 50%
w 2000 2027 2045 400 of each component are listed in Table Il together
m 2267 2270 2364 2363 2432 2431 212 with the measurements for the pure hexahydrates;
m .2348 .2350 .2396 2426 401 H
" et 9819 2618 2610  soms 2683 302 these last are calculated from measurements earlier
m 2622 2626 .2661 .2672 .2681 410 (6) J. E. Ricci and J. Fischer, J. Am. Chem. Soc., 74, 1443 (1952),
m .2726 .2726 2777 2794 .2809 .2806 312 and their cited literature.
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published.5 The calculated axial lengths of two
other preparations are listed in Table 111 together
with those above mentioned. The hexahydrates

Tabie Il
Relation between the Unit Cell Dimensions and the
Composition of the Solid Solution (CaSr)CI2-6H2,
A. Units
Content of
CaClIlr6HsO 100 78 50 33 0
a-axis 7.880 7.890 7.905 7.920 7.960
c-axis 3.930 3.970 4.010 4.045 4.130

form solid solution crystals, with axes slightly
shorter than those calculated on the assumption
that they depend only on the relative length of the
integral components, represented in Fig. 3 by the
tie-line between the values of the pure phases
(Vegard's law). The largest negative deviation
appears to be shown by the crystals containing
equal parts of the components.

Fig. 3.— The relation between the axial lengths of the
unit cells and the composition of the solid solution (CaSr)-
Cl2«6H 2.

Between 28.0 and 30.0° the system shows some
interesting traits. In the binary system calcium
chloride-water the transition temperature calcium
chloride hexahydrate-cetetrahydrate is at 29.5°.7
In the present ternary system, however, the di-
hydrate of the strontium chloride is the stable
phase in saturated calcium chloride solution at this
temperature. This dihydrate is monoclinic and
«-calcium chloride tetrahydrate is triclinic.8 The
hexahydrates of calcium and strontium chlorides are
isomorphous and form crystals of complete misci-
bility as shown above. Therefore, the stability
area of strontium chloride dihydrate overlaps the
area of solid solution of the hexahydrates.

When studying in more detail the isotherms from

(7) H. W. B. Roozeboom, Z. physik. Chem., 4, 31 (1889), has re-
corded 29.8°. A. Lanniing, Z. anorg. allgem. Chem., 228, 1 (1936), re-
ports 29.5° as transition temperature, which value has been confirmed
and will be used here.

(8) H. Basset, H. F. Gordon and J. Heinshali, J. Chem. Soc., 972
(1937).
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28.0 to 29.7°, the following observations can be
made (see Table | and Fig. 1). The isotherm at
28.0° shows the hexhydrates forming solid solution
continuously without any gap. Between 28.5 and
29.3°, ewhen the solutions contain pure calcium
chloride, the solid phase is the hexahydrate. On
adding small quantities of strontium chloride, solid
solution of the two hexahydrates is deposited, the
crystals being rich in calcium chloride. As the
proportion of strontium chloride is further in-
creased, the solid phase undergoes continuous
change in composition, the crystals containing
successively more strontium chloride and less
calcium chloride. The calcium chloride concen-
tration can be lowered in this way to a certain
value, after which the solid phase suddenly changes
its character. A deposition of strontium chloride
dihydrate now begins. The transition concentra-
tion, however, is not discernible as a break in the
isotherm. As the calcium chloride concentration
is lowered still further, deposition of strontium
chloride dihydrate continues. During the first
part of this crystallization the strontium chloride
concentration of the solutions is almost constant
and during the later part the concentration in-
creases. With continued decrease in calcium
chloride content the solid phase again changes its
character and the solid solution is formed once
more. Here the curves show a distinct break.
The crystals are now poorer in calcium chloride
than those formed within the solid solution zone
immediately before the described transition to
strontium dihydrate. As the curves representing
the solutions in equilibrium are S-shaped and have
no discernible break -where the solutions are very
rich in calcium chloride, it is to be suggested that
the transition of the solid phase in this case is
caused by only a small change of entropy of the
system compared with the change in concentration.
At that part of the curves where the break is dis-
tinct the entropy change must be greater. If the
isotherms are compared it is apparent that the
higher the temperature, the higher the calcium
chloride content in the solutions at the isothermal
invariant point strontium dihydrate-solid solution
of the hexahydrates rich in calcium chloride. The
solid solution occurs in this part of the 29.3°
isotherm but cannot occur in the same part of the
29.7° isotherm containing the transition point
calcium chloride hexahydrate-a-tetrahydrate in
pure water, therefore the invariant point strontium
chloride dihydrate-a-calciurn chloride tetrahy-
drate-solid solution of the hexahydrates is esti-
mated to be at 29.4°. Asthe dihydrate crystallizes
in the described way along the isotherm at 28.5°
but does not do so along the isotherm 28.0°, the
lowest temperature of its formation is estimated to
be 28.2 + 0.2°.

The solid solution of the hexahydrates formed at
both sides of the dihydrate interval, changes in
composition in the same continuous way as already
described for temperatures lower than 28.0°.
In the distribution diagrams (Fig. 2) the change in
composition of the solids [solid solution (hexa-
hydrate)-strontium chloride diliydrate-solid solu-
tion (hexahydrate) ] appears as a continuous curve
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representing solid solution, interrupted by a gap
corresponding to the dihydrate.
tion of solid solution mentioned above
terized by the fact that a continuous crystallization
occurs, having the behavior of a solid solution with
complete miscibility of the end phases, but showing
a gap in which there crystallizes out a new phase not
belonging to the miscible phases.
crystallization of a solid solution with a gap in
which is deposited another compound has not
been described before, as far as is known to the
authors. It could perhaps be classified as a seventh
type of system forming solid solutions after Rooze-
boom,—a sixth type has been recorded by Ricci9—
but in the authors’ opinion the case described above
should be considered as an infrequent and special
one of Roozeboom'’s type I, as the solid solution
shows a continuous miscibility and the intermediate
phase does not contain the end phases.

At higher temperatures, too, the system shows
some interesting characteristics.
60° (Table 1V, Fig. 4) shows no double salt but
it is noteworthy that even a small amount of cal-
cium chloride (1.4%) in the solution causes a tran-
sition of the strontium chloride hexahydrate into
the dihydrate.

It is known from some earlier investigations, that
strontium chloride monohycrate is formed above
100° (Etard,®0 Hiittig and Slonim1l).
has determined the transition temperature of this
reaction in the binary system chloride-water and
found it to be at as high a temperature as 230°.
The very strongly dehydrating properties of satu-
rated calcium chloride solutions must influence the
transition temperature considerably. For the 100°
isotherm (Table IV, Fig. 4) it is shown that the
solid phase is the monohydrate over the greater
part of the strontium chloride branch. Because
of the experimental conditions it is difficult to
determine the calcium chloride concentration at
which the transformation of the di- and mono-
hydrate takes place at 100° it has no special
significance in the present investigation but it must
have a low value. In order to determine the in-
variant point in the ternary system some other
isotherms were investigated. An extract of the
observations are listed in Table V. The lowest
formation temperature of strontium chloride mono-

(9) J. E. Ricci, J. Am. Chem. Soc., 57, 805 (1935).

(10) A. L. Etard, Ann. chim. phys., [7] 2, 533 (1894).
(11) G. I. Hiittig and Chr. Slonim, Z. anorg. allgem Chem., 181, 66

(1929).
(12) A. Benrath, ibid., 247, 147 (1941).
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Table IV
ThUS, the forma- The Ternary System SrCh-CaCh-11.0
is charac- Solution Wet residue Solid
SrCl, CacCl, SrCl. CaClz phase
Isotherm at 60 .0°

46.2 a

This type of 45.5 0.8 58.0 0.2 f
45.0 1.4 62.4 0.2 f+ b

43.3 2.9 72.1 0.5 b

40.0 5.6 62.0 2.6 b

37.0 8.0 66.0 2.5 b

33.0 11.4 68.2 3.3 b

18.8 23.7 b

8.5 34.3 b

3.3 43.2 b

1.7 52.5 36.0 30.0 b

1.0 57.0 39.9 29.0 b
1.0 57.1 38.2 40.6 b+ c

0.8 57.6 0.6 70.3 e

The isotherm at °8.2 69.7 ¢

Isotherm at 100°

50.8 b

33.7 15.2 63.8 7.0 g

22.4 26.0 60.2 11.2 g

9.5 39.8 g

5.1 51.0 51.3 25.2 S

3.9 54.4 42.6 31.1

Benrath 2.9 58.7 53.1 26.2 g
2.7 59.1 3.6 67.1 e+ g

2.5 59.4 1.4 68.1 e

61.3 70.0 e

Table V

The Ternary System SrCh-CaCh-HjO ; Some Equilibri-
BETWEEN 50 AND 114°

Temp., Solution Wet residue Solid
°c. SrCl, Cad, SrCIt CaClz phase
50 0.9 56.7 b + e
60 1.0 57.0 b+ e
70 1.5 57.0 b+ e
75 2.6 56.5 46.4 26.0 b

2.5 56.8 2.0 66.5 e
77 3.0 55.6 47.2 25.7 b
2.9 56.1 36.5 35.4 g
2.4 57.1 1.6 57.1 e
90 2.5 58.2 e+ g
100 2.7 59.1 e+ g
114 3.5 59.6 e+ g
For the invariant point (I, Fig. 5i
76 2.5 57.0 b+ ey g
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hydrate was found to be 76°. The univariant
curve as defined by the series of isothermal in-
variant points is drawn in Fig. 5, but no distinct
break can be observed in this curve at 76°.

Fig. 5.— Synopsis of the composition of the solutions at
the invariant and univariant equilibria of the ternary sys-
tem SrCl2CaCl2H 2.

Some other experiments were performed in
order to determine the character of the solid phase.
The direct preparation of pure solid phase according
to a method earlier used,1 was not successful be-
cause of the necessity of working at high tempera-
tures and with mother liquors rich in calcium
chloride. Differential thermal analysis, mentioned
in the earlier paperlwas performed on a mixture of
three parts strontium chloride dihydrate and two
parts calcium chloride tetrahydrate and showed
a distinctly marked endothermic peak beginning
at about 80°. As the transition takes place slowly,
it was of importance to conduct the analysis under
conditions of very slowly increasing temperature,
which resulted in the heat absorption being de-
layed.

A preparation of strontium chloride dihydrate
was mixed ivith 10% a-calcium chloride tetrahy-
drate and exposed in a Lindemann glass capillary
in aheat X-ray camera at 1100. At another prepa-
ration strontium chloride hexahvdrate was dried in
an air-bath at 95° to constant weight (89.5%
chloride) and exposed in a common X-ray camera
of 114.7 mm. diameter. The interference measure-
ments of both preparations are listed in Table VI
and agree very well with one another and are quite
different from those of strontium chloride dihy-
drate.13 As the preparation at the heat camera

(13) A. Tovborg-Jensen, Kgl. Danske Videnskafs Setekab. Mat.-fys.
Medd., XX, nr 5, Copenhagen 1942 (English).
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corresponds to the solid phases precipitated from
the saturated calcium chloride solutions at 110°,
both of the preparations contain the same phase,
which must be a monohydrate. An examination
of the crystals in a polarization microscope with
heated stage was not successful because of the
difficulty in handling the solutions.

Table VI

X-Ray Interferences of SrClI22H2; CuKa Radiation

Preparation: a, SrCl2-6H2, dried in an air-bath at 95°,
89.5% SrCl2, b, SrCl22H2, containing 10% CaCb-TEbO,
exp. at 110° in X-ray heat camera.

Prep, a Prep, b d, Prep, a Prep, b d,

lilt. Sin2 Sin2 A. Int. Sin2 Sin2 A.
s 0.0119 0.0119 7.00 s 0.0716 0.0714 2.882
m-w .0130 .0130 6.74 m 0771 0769 2.774
w .0150 6.27 m .0820 .0813 2.696
m .0199 .0198 5.47 ni .0870 .0865 2.615
w .0225 5.11 w 0895 2.572
w .0247 4.88 m .0995 .0981 2.456
m .0275 .0273 4.62 m .1050 1042 2.384
m-w .0288 4.518 s 1124 1118 2.301
w .0340 .0347 4.132 m .1154 1151 2.259
m .0366 .0360 4.047 w .1186 2.228
w .0428 .0427 3.721 m .1240 1233 2.191
m .0483 .0478 3.526 w .1285 1273 2.156
w .0535 .0535 3.325 m .1393 1391 2.062
w .0580 .0576 3.202 w .1510 1501 1.986
w .0640 .0627 3.066

The only observation which was made concerning
the crystallographic properties was that the mono-
hydrate crystallizes in plates and needles of appar-
ently low degree of symmetry. As the strontium
chloride monohydrate is formed at 230° in the
binary system2and its lowest formation tempera-
ture in present ternary system is at 76° (Table V)
the saturated calcium chloride solution lowers the
transition temperature 154°.

Figure 5 is intended to give a synopsis of the
univariant and invariant equilibria of the system.
The equilibria at low temperature with ice as one
of the solid phases are known only in the case of
the binary systems, where the second phase is the
respective hexahydrate. It is evident, however,
that in the present ternary system the other solid
phase must be solid solution of the hexahydrates.
The bivariant equilibria containing the solid
solution cover the area up to the line FDCH
(Fig. 5), bounding the area within which strontium
chloride dihydrate is a stable phase. Strontium
chloride monohydrate crystallizes at temperatures
higher than 76° (boundary 1-J) and at very high
temperatures, at which the mother liquor is very
poor in water, a solid solution of anhydrous cal-
cium and strontium chloride must crystallize. 214

(14) C. Sandonnini, Atti Acad. Lincei., [5] 20, 11, 497 (1911).
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The rate of exchange of hydrogen and tritium, initiated by the tritium (3-radiation, has been investigated at room tempera-

ture.

Over the range of conditions studied, half-times of from 260 to 818 minutes have been obtained.

G values for the

initial rate of formation of tritium hydride range as high as 450 molecules/100 e.v., indicating the reaction to be a chain

process.
(3-mtensity.

Introduction

The exchange reaction of hydrogen and deu-
terium has been the subject of a number of previous
investigations. Extensive studies of the rate of the
thermal exchange reaction have been made by
Farkas and Farkas3 and more recently by Van
Meersche.4 These studies have established that
the mechanism of the thermal exchange is a chain
process involving atom-molecule interactions.
Mund, et al..e have reported results of the radiation-
induced exchange of hydrogen and deuterium
initiated by a-particles from radon. In all these
cases analyses have been carried ouo by the thermal
conductivity method.

We have investigated the rate of the hydrogen-
tritium exchange

H2+ T2= 2HT

This reaction, initiated by the tritium /3-radiation,
has been studied at room temperature using a mass
spectrometer as the analytical instrument.

Experimental

A series of runs has been carried out extending over a
range of total pressures from 59.0 to 399.9 mm. with tritium
pressures between 33.2 and 147.7 mm. Hydrogen was puri-
fied by absorption on a uranium bed followed by pumping
and subsequent desorption. The hydrogen was stored over
a Fugassi valve to avoid any contamination by grease.
Tritium, containing approximately 95% tritium and 5%
hydrogen, was separated from impurities prior to each run
by diffusion through a palladium thimble.

Runs were carried out in spherical Pyrex bulbs with a total
volume of 109.5 + 0.5 cc., at a temperature of 28.0 + 1.0°.
Each bulb was fitted with two vacuum stopcocks in series
enclosing a capillary lock to permit removal from time to
time of a small analytical sample. The volume of the cap-
illary lock was approximately 0.13 cc. sc that removal of a
sample for analysis resulted in a negligible pressure decrease
in the reaction bulb. Fluorothene grease was used as the
lubricant to minimize any exchange or interaction with the
tritium. A new reaction bulb was used for each run. Prior
to the run the bulb was pumped out and thoroughly degassed
for several hours after which tritium was introduced by
means of a Toepler pump. The run was started by adding
hydrogen. The bulb was then connected to the sample
manifold of the mass spectrometer by means of a ground
joint lubricated with Fluorothene grease. The gas present
in the capillary lock at the start of the run was discarded
and analytical samples were taken from the reaction bulb.

A General Electric analytical mass spectrometer was useda

(1) The Knolls Atomic Power Laboratory is operated by the General
Electric Co. for the Atomic Energy Commission. The work reported
here was carried out under Contract No. W-31-109 Eng.-52.

(2) Presented at the 122nd meeting cf the American Chemical Soci-
ety in Atlantic City, N. J., September, 1952.

(3) A. Farkas and L. Farkas, Proa. Roy. tioc. (London,), 152A, 124
(1935).

(4) M. Van Meersche, Bull. soc. chim. Bely., 50, 99 (1951).

(5) W. Mund, T. de Menten de Hornes and M. Van Meersche, ibid.,
56, 386 (1947).

The initial rate was found to be directly proportional to the total pressure and to the square-root of the absorbed

for the analyses. Sensitivity calibrationséshowed that hy-
drogen and tritium have equal mass spectrometric sensitivi-
ties. A testofa H2T 2sample at approximately 50 microns
pressure in the expansion bulb of the mass spectrometer
showed that the composition of the analytical sample re-
mained constant for over half-an-hour, a considerably
longer time than that required for an analysis. Some six to
ten analyses were done on each run over a period of 10 to 40
hours depending on the composition of a particular run.

Results and Discussion

The progress of the reaction, as in the thermal
H2D 2exchange,3may be represented by the expo-
nential equation

(HT), - (FIT), =

where (HT)t and (HT)» denote the concentrations
of tritium hydride at time t and at equilibrium,
respectively. The concentration of HT is not zero
at the start of a run since the initial tritium con-
tained some 10% of tritium hydride. The con-
stant k is fixed for a given run by the composition
and pressure. (HT)» has been determined experi-
mentally6 for a number of compositions and pres-
sures. The experimental values are slightly higher
than the theoretical values. The differences are of
significance in the determination of the equilibrium
constant; their effect is negligible in the calculation
of exchange rates based on equation I. The cal-
culated value of the equilibrium constant is 2.57
at 25°. We have obtained6an experimental value
of 2.87 £ 0.06.

The validity of equation | in representing the
progress of the exchange may be seen from Fig. 1
which shows a plot for some of the runs c¢f 1 —
(HTt/(HT)<» vstime in minutes, on a semi-
logarithmic scale. The rate of exchange at time
tis then given by

(HT)«» e~kt (O]

= k(HT). e~* ()

and the true initial rate of HT formation is given by
(t L =

The half-time, t, of the reaction is given by
0.693/ft

P

t = nv)

where K is obtained from the slope of the straight
lines i i Fig. 1. The values of k and the half-times
in minutes are shown in Table I in which the data
for the series of six runs are tabulated.

A correlation of the exchange rate as a function of
pressure and absorbed (3-intensity is dependent on a
knowledge of the fraction of the /3-energy absorbed
by the gas in the spherical reaction bulb The

(6) 1
Phys., 20, 926 (1952).

C. Mattraw, C. F. Paclmcki and L. M. Dorfman, /. Chem.



percentage absorption has therefore been estimated
in the following manner.

Tritium has a half-life of 12.46 years7 with a 13
spectrum89 having an end-point energy of 18 kev.
and an average energy of 5.69 kev. The mass
absorption coefficient for nuclear /3-particles in
aluminum is given by the equationD

h/p = 22/KE01-" (V)
for 0.1 < Bu< 3.0, Eubeing the end-point energy in

Total Tritium Half

Run pressure, pressure, K, time,
no. mm. mm. MHT® min.“1X 104 min.
i 59.0 46.1 0.320 8.47 818
2 119.3 64.6 454 12.6 550
123.7 81.6 418 13.3 522

213.2 33.2 .248 13.7 504

5 295.4 147.7 .458 19.5 355
6 399.9 133.6 411 26.7 260

mev.; or it may be obtained from the half-thickness
curvell for nuclear /3-particles. Equation V and

(7) G. H. Jenks, F. N. Sweeton and J. A. Ghormley, Phys. Rev., 80,
090 (1950).

(8) G, C. Hanna and B. Pontecorvo, ibid., 75, 983 (1949).

(9) E. R. Graves and D. I. Meyer, ibid., 76, 183 (1949).

(10) R, D. Evans, “The Science and Engineering of Nuclear Power,”
Vol. I, Addison-Wesley Press, Inc., Cambridge, Mass., 1947, p. 53.

(11) C. D. Coryell and N. Sugarinan, “ Radiochemical Studies: The
Fission Products,” McGraw-Hill Inc., New York, N. Y., 1951, Book 1,
p. 18.
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extrapolation of the half-thickness curve, which is
very nearly linear at the low-energy end, give a
value of n/p = 4.7 cm.2Zmg. for tritium /3-particles
in aluminum. Examination of the range energy
curvel2 (which requires no extrapolation) on the
basis that the half-thickness is one-tenth the range,
indicates that this estimated value for n/p is at
least of the right order of magnitude.

The mass absorption coefficient for different
absorbers is very nearly proportional to Z/A.
This gives a value, for nuclear /3-particles in hy-
drogen, of (m' p)h = 2.1(/Vp)ai, and in tritium of
(m/p)e = 0.69(nf p)ai. Calculation of this ratio
for hydrogen on the basis of the Bethe-Block
equation13l4shows agreement within 19% with the
value based on proportionality in Z/A. Compari-
son® of calculated with experimental values for
absorbers of low atomic number indicates that the
absolute values agree within 20%. The fraction
of the /3-energy absorbed has therefore been cal-
culated from

= 1- erC/px (\2)]

10
where x is the absorber thickness in mg./cm.2
The average energy, 5.69 kev., has been used in
calculating the amount of absorbed energy. The
source of radiation in this case is uniformly dis-
tributed throughout a spherical bulb. Lind® has
calculated that the average distance from all
points within a sphere to the walls is 0.814 times the
radius. The diameter of the reaction bulbs is
5.8 c¢cm., so that the average path length through
the gas is 2.36 cm.

The initial rates of formation of tritium hydride
are shown in col. 7 of Table I. Column 8 lists the
estimated fraction of the incident /3-energy ab-
sorbed for each run. G-Values for the initial rate
of formation of HT have been calculated and are
listed in the last column. It is evident from these
G-values which range as high as 450 molecules/100
ev. (corresponding to an ion-yield of 150 molecules/
ion pair) that the exchange reaction involves a
chain process.

r, kMnTm
IA(HT)EN ¢ xm )7 Initial
V dl  Jiro min. 1moles"¥ 2 HT vyield,
nioles/l./min. X 1(F /allo liters—1* X 102 Molec./100 ev.
8.55 0.13 1.52 220
36.4 .25 1.95 350
36.7 .26 1.65 270
38.7 .40 1.28 450
140.6 51 1.41 290
233.9 .62 1.65 140
Mean 1.58

It may be shown from these data that the initial
rate of exchange is proportional to the total pres-
sure and to the square root of the absorbed 3
intensity. This relationship

(12) L. E. Glendenin, Nucleonics, 2 (No. 1), 12 (1948).

(13) H. Bethe, Z. Physik, 76, 293 (1932).

(14) 11. Block, ibid., 81, 303 (1933).

(15) G. L. Brownell, “Conference on Absolute Beta-Counting,”
Preliminary Report No. 8, Nuclear Science Series, Paper 6 (1950).

(16) S. C. Lind, J. Am. Chem. Soc., 41, 531 (1919).
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(®sP),_. - K(u-f,’p V1>
may be tested in the following manner. From
equations 111 and VII

It(HT)B = K{hb)'hP (VI1I1)

and since the incident ~-intensity is directly propor-
tional to the tritium concentration this may be
written

KM HT»
(W 1dT2)A (1)

Where M ht» is the mole fraction of HT at equi-
librium. The values of K' obtained in this correla-
tion are shown in col. 9 of Table I. Reasonably
good constancy obtains over a wide range of pres-
sures and absorbed intensities. The mean value
is K' = 158 X 10-2 (min.“1 mole_1/! liter_11).
The individual values have an average deviation
of 0.17 X 10“2 or a standard deviation of 0.23 X
10~2

The Kinetic expression for this radiation-induced
exchange differs from that obtained in the thermal
H2 D 2exchange,3in which the order of the reaction
was found to be 3/2, in that \fp in the latter case
is replaced by vXn«. This difference stems from
the different primary processes. In the thermal
exchange reaction the primary dissociation at a
given temperature is pressure dependent. In the
H2T 2exchange at room temperature the primary

Kinetics of Silver Bromide with an Adsorbed Layer of Allylthiourea
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dissociation is dependent on the radiation intensity,
or in other words on the tritium pressure. The
square-root dependence in both cases indicates
that the exchange proceeds by way of atom-

molecule interactions. The mechanism may be
written
112 N> 211 (D
T2— 2T - (2)
H T e H+ T (3)
I+ T2T"»- HT + T (4)
T+ h2 HT + 11 (5)
2H — >- H» 0)
2T — > T2 ™)
H+ T — >HT (8)

The exchange occurs chiefly by way of reactions
(4) and (5) rather than reaction (8) as indicated
by the high ion yields.

The ion yield is inversely proportional to the
square-root of the radiation intensity. Mund,
et al,,5in one of their two runs have obtained an
ion yield for HD formation greater than 103
This may be explained by the fact that their ioniza-
tion intensity was on the order of 1/200th of the
intensity in these H2T 2runs.

Acknowledgment.—We are indebted to Mr. C. F.
Pachucki for his assistance in carrying out the mass
spectrometric analyses, and to Dr. D. L. Douglas
with whom we have had many helpful discussions.
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Allylthiourea is strongly adsorbed by silver bromide to form a monolayer. The adsorbed allylthiourea prevents adsorption
of certain dye ions, e.g., phenosafranin and 3,3'-diethyloxacarbocyanine, but the dyes are rapidly adsorbed after reaction
between the allylthiourea and silver bromide occurs. Use is made of this fact to measure the rate of reaction in the adsorbed
layer. The rate of reaction varies as the logarithm of the reciprocal of the bromide ion concentration in the surrounding
solution. The rate varies as the 1.5 to 2 power of the hydroxyl ion concentration, depending on the bromide ion concentra-
tion. The reaction curve is not autocatalytic in shape, but reaction occurs faster on a silver bromide surface which contains
sulfide, either from previous reaction with allylthiourea or from reaction with sodium sulfide. Chromatographic experiments
indicate that the surface after reaction with one layer of allylthiourea is intermediate in adsorptive properties between a pure
silver bromide surface and a silver sulfide surface, but more closely resembles the former. The rate of reaction of subsequently
adsorbed layers of allylthiourea continues to increase with increasing amount of sulfide formed in previous reaction, far
beyond the amount of sulfide which corresponds to a uniform layer one molecule thick. The rate of the sulfide-catalyzed

reaction varies as the first power of the hydroxyl ion concentration.
reaction is 32 kcal./mole in the absence of excess bromide, and 40 kcal./mole in the presence of 0.0001 M bromide ion.
activation energy of the sulfide-catalyzed reaction is 22 kcal./mole.
The rate of reaction of derivatives of thiourea at pH 7.2 increases in the order:
1,1,3,3-Tetramethylthiourea is inactive.

of the kinetic results.
dimethyl, methyl, (thiourea), ally], phenyl, acetyl.

Introduction

Thiourea and many of its derivatives are strongly
adsorbed by silver bromide. The adsorbed layer
prevents adsorption of certain dye ions, such as the
phenosafranin and 3,3'-diethyloxacarbocyanine cat-
ions. Under suitable conditions of temperature
and pH, the adsorbed thioureas react with the silver
bromide to form silver sulfide, and the surface
'Armed by this reaction very rapidly adsorbs the

The over-all energy of activation of the uncatalyzed
The
The mechanism of the reaction is discussed on the basis
1,3-diethyl, 1,1-

dye cations. Use has been made of these facts to
study the kinetics of the reaction of adsorbed thio-
ureas, particularly allylthiourea, with silver bro-
mide. Probably the technique can be extended to
other reactions where the adsorptive properties of
the reaction product differ markedly from those of
the adsorbed reactant layer.

The present investigation was undertaken be-
cause of the importance to the theory of photo-
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graphic sensitizing of the reaction of thioureas with
silver bromide. Sheppard,1 who discovered the
sensitizing action of these compounds, showed that
it was not the thioureas themselves but reaction
products, presumably silver sulfide, which were re-
sponsible for the increase in sensitivity of the pho-
tographic emulsion. Carroll and Hubbard?2 stud-
ied the kinetics of the reaction of silver bromide
with allylthiourea, and Collins and Dickinson3the
reaction with thiourea. Both reactions are cata-
lyzed by silver sulfide. In both investigations, the
rate of reaction was followed by potentiometric
determination of the bromide ion liberated in the
reaction, and in both the amount of thiourea or al-
lylthiourea used exceeded by 100- to 1000-fold the
amounts reported in the literature as optimum for
photographic sensitizing.44 The amounts used in
the present investigation correspond to an ad-
sorbed monolayer of the thiourea, and are of the
same order of magnitude as those reported for pho-
tographic sensitizing.

Experimental Procedure

The following experimental procedure was adopted as
standard for the kinetic experiments: The silver bromide
sample (about 4.2-4.6 g.) was placed in a stoppered flask
containing 50 cc. of water which was made acid to pH 3.5
with acetic acid; 1 cc. of 0.01 M allylthiourea was added,
and the flask and contents were shaken vigorously for 5
minutes. The contents of the flask were allowed to settle
for 2 minutes, the supernatant liquid was poured off, and
the precipitate washed by decantation with two 50-cc. por-
tions of water containing 0.5 cc. of 0.1 M acetic acid. The
precipitate was then transferred to the reaction vessel, to-
gether with 190 cc. of dye solution. The dye solution was
prepared by adding 12 cc. of 0.0001 M 3,3'-diethyloxacar-
bocyanine p-toluenesulfonate and 1 cc. of a mixture of 0.1
M acetic acid and 0.1 M sodium acetate to 177 cc. of water.
This solution had a pH of 4.75. Solution and precipitate
were brought to the temperature of the thermostat before
mixing. To start the reaction, 10 cc. of a phosphate buffer
(X cc.of 0.2 M NaJTPCh + Y cc.of 0.2 M NaH.PO,), also
at the temperature of the thermostat, was added at. time
zero. The final pH of the solution was measured on a Beck-
man meter.

The reaction vessel consisted of a thrcc-nccked, 500-cc.
round-bottom flask. Agitation by a motor-driven stirrer
kept the silver bromide well suspended in the solution.
Samples of the reaction mixture were removed from time
to time with the aid of a 5-ec. pipet which had had its tip
cut off to permit faster flow. Each sample was added rap-
idly to a centrifuge tube containing 2 cc. of 0.1 M acetic
acid and 0.1 M sodium acetate mixture at pH 4.75 to stop
the reaction. The tubes were then centrifuged to settle
the silver bromide, and the supernatant liquid was pipetted
off for colorimetric analysis. The dye concentration was
determined by reading the density at the maximum of the
absorption band (480 nip) in the Beckman Model DU
spectrophotometer. Preliminary experiments showed that
the rate of reaction is not influenced by the presence of the
dye. In these experiments, the silver bromide was intro-
duced into the buffer solution without dye. Samples of
silver bromide were, removed from time to time; reaction
was stopped by lowering the pH, and dye added. The
amounts of dye adsorbed by the partially reacted surface
agreed within 5% with the amounts adsorbed when dye was
present during the reaction.

Materials Used.— The allylthiourea was Eastman Kodak
Company White Lahel grade.

Two samples of silver bromide were used in the present.

(1) S. E. Sheppard, Phot. J.. 65, 380 (1925);
Monograph, 3, 75 11925).

(2) B. H. Carroll and D. Hubbard, Bur. Standards J. Research, 12,
329 (1934).

(3) R. B. Collins and H. O. Dickinson, Science et inds. phot., [2] 22,
92 (1952).

(4) S, E. Sheppard. Phot, J,, 66, 399 (1926).
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investigation. Sample | was prepared by adding a solution
of 170 g. of silver nitrate in 1000 cc.. of water to a solution of
120 g. of potassium bromide in 1000 cc. of water at room
temperature over a period of 2 minutes, with vigorous me-
chanical agitation. Stirring was continued for 15 minutes.
The silver bromide was washed by decantation five times,
using 3 1. of water each time, and was permitted to ago
several months under water at room temperature so that
the surface area could reach a stable value before use.
Sample Il was prepared by adding 2000 cc. of 1.00 ilf silver
nitrate and 2000 cc. of 1.02 M hydrogen bromide solutions
simultaneously at the rate of 10 cc. each per minute to 1000
cc. of 0.0001 7V hydrogen bromide solution, with vigorous
mechanical stirring, .ill solutions were at 55°. The pre-
cipitate was then washed and aged as before. In the sub-
sequent experiments, sample Il was used except when other-
wise stated, since the particles of this sample were of more
uniform size and shape than those of sample I.

Sulfide determinations on the silver bromide samples after
reaction wore made by R. S. Miller, of these Laboratories,
as follows: The silver bromide was washed, then dissolved
in approximately 75 cc. of 50% potassium iodide solution,
which was adjusted to the oxidation-reduction equivalence
point before use by the appropriate addition of 0.0001 N
iodine or arsenite solution. The solution was diluted to
exactly 100 cc. with 50% potassium iodide solution, and a
suitable aliquot transferred to a beaker containing 50 cc. of
50% potassium iodide solution and 0.05 g. of potassium bi-
carbonate. By use of a blanket of nitrogen and a magnetic
stirrer, standard 0.0001 N iodine solution was added until
an excess of 1 to 5 cc. was present. The solution was
stirred for 3 minutes to ensure complete reaction with the
silver sulfide and 5 cc. of standard 0.0001 N arsenite solution
was added. The excess arsenite was back titrated with
standard iodine solution.

Experimental Results

To determine the dependence of adsorbed allylthiourea
on the amount present in solution, a series of tests was made
in which the silver bromide samples were treated in the stand-
ard way except that, the amount of allylthiourea added was
varied from sample to sample. The washed samples were
allowed to react completely with the allylthiourea remaining
adsorbed after washing and the sulfide was determined as
described. The concentration of allylthiourea remaining
in solution was calculated as the difference between the
amount added and the amount adsorbed. The results are
given in Table I.

Tabite |

D ependence of Adsorbed Allylthiourea (ATU) on the

Amount in Solution

Residual jttmole ATU Residual pmole ATU
eonen. in soln., adsorbed per concn. in soln., adsorbed per
M X 106 gram AgBr 71 X 106 gram AgBr

0.0 0.19 261 0.53

6.2 .36 284 .53

85 .53 1233 .70

240 53 1355 .49

The specific surface of the silver bromide was determined
from the adsorption of two dyes, 3,3'-dicthyl-9-methylthia-
carbocyanine chloride (Dye 11) and 1,1'-diethyl-2,;'-cya-
nine chloride (Dye V1). The amounts of Dye Il adsorbed
by two samples of silver bromide were 0.320 and 0.323
micromole per gram; of Dye VI, 0.305 and 0.300. Assum-
ing areas of 74 and 79 sqg. A .,6respectively, for these dyes,
we obtain the values of 1430, 1440, 1450 and 1430 cm .2per
gram for the specific surface of the silver bromide.

The percentage of dye adsorbed during the reaction cal-
culated in terms of the total dye adsorbed when reaction has
gone to completion is indicated in Fig. 1 for pH 6.8 and
20.25°. Each curve, or set, of points, represents a sample
to which the designated amount of allylthiourea was in-
itially added. Essentially the same reaction curve was ob-
tained whether 0.5, 1.0 or 4.0 cc. of 0.01 M allylthiourea
was added in the preparation of the sample. YVhen only
0.1 or 0.2 cc. was added, some adsorption of dye occurred
before addition of buffer to start the reaction, and this

(5) W. West,, B. H. Carroll and D, IT. Whitcomb, T his Journat,. 56,
1054 (1952).



Oct., 1953

must correspond to silver bromide surface not adequately
protected by adsorbed allylthioure a. In all subsequent ex-
periments, the amount of allylthiourea added was sufficient
to saturate the surface. Reaction rates are determined in
terms of the maximum slopes of the curves. These slopes
represent about the first 10% of the reaction course in gen-
eral, where the curves are nearly linear. Rates determined
at some other fixed point on the curve lead to consistent
relative values, except when that point :s near completion
of the reaction, where the experimental error is relatively
high and the curves tend to become erratic.

Fig. 1.— Dependence per cent, of dye adsorbed on amount
of allylthiourea used in preparation of sample: #0, 1.0
cc. of 0.001 M, pH 6.83; OO, 2.0 cc. of 0.001 M, pH 6.81;
OO0, 5.0 cc. of 0.001 M, pH 6.70: AA, 1.0 cc. of 0.01 M,
pH 6.83; A A, 4.0 cc. of 0.01 M, pH 6.82.

Bromide ion in the solution decreases the rate of reaction
of the adsorbed allylthiourea This effect is illustrated by
the reaction curves shown in Fig. 2. No dye was adsorbed
at any bromide ion concentration before the reaction was
started by addition of the buffer, indicating that no sig-
nificant displacement of allylthiourea by bromide occurred.
The initial reaction rates vary approximately as the loga-
rithm of the reciprocal of the bromide ion concentration.

Fig. 2.— Effect of bromide ion at pH 7.22, 20.2°,
cent, of reaction completed is plotted against time: AA, no
added KBr, [Br_] = 10~Grate 4.6; <=, 10-5 Af KBr, rate
25, 0o, 3 X 10“6M KBr, rate 1.15; 0O, 10“" M KBr,
rate 0.3.

per

If a sample of silver bromide which has already reacted
with an adsorbed layer of allylthiourea in the absence of dye
is washed and then recoated with allylthiourea, by the
standard procedure, the reaction of the second layer is faster
than that of the first. This is illustrated by the curves in
Fig. 3, which represent reaction in the presence of 0.0001 M
excess bromide ion. Curves 1 and 2 represent reaction of
the first and second layers, respectively. Curves 3, 4 and
7 represent the reaction of layers adsorbed after two, three
and six previous layers had reacted. _n the sample used
to obtain the data for curve 45, layers 1and 2 were allowed to
react in succession, then 130 micromoles of allylthiourea
was added at pH 8.2. After 30 minutes had elapsed, the
supernatant liquid was decanted, the sample washed as be-
fore, and another layer of adsorbed allylthiourea added for
the kinetic determination. Analysis of the sample at the
end of the Kkinetic experiment showed that it contained a
total of 110.5 micromoles of sulfide in a total weight of 3.05
g. of silver bromide. The data for the amounts of sulfide
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Time in minutes.

Fig. 3.— Sulfide catalysis in presence of 0.0001 M KBr
at pH 7.22, 20.2°, per cent, of reaction completed is plotted

against time: curve 1, OO, untreated AgBr; curve 2,
O D, after 1 reaction cycle; curve 3, after 2 reaction
cycles; curve 4, mm, after 3 reaction cycles; curve 7,

AA, after 6 reaction cycles; curve 45, A A, after 2 reaction
cycles + 130 p moles of allylthiourea.

found at the end of 1, 2, 3, 4 and 7 reaction cycles (Table I1)
show that no increase in adsorption of allylthiourea occurs
from layer to layer over this range.

Tabte Il

Sulfide Found in Samples after Successive Reaction

Cycles

Reaction cycles Total AgBr at AgaS/AgBr,
prior to kinetic run end of expt. nmole/gram

0 3.91 0.53

1 3.68 1.19

2 3.90 1.39

3 3.76 2.46

6 2.56 2.83

2 + 130 pmole ATU 3.05 20.87

(110.5 reacted)

Similar results were obtained in a series of experiments
with no excess bromide ion present during the Kinetic runs.
Similar results also were obtained when the original sulfide
was derived from sodium sulfide (added in very dilute solu-
tion to a vigorously stirred silver bromide sample) rather
than from previous allylthiourea reaction.

The sulfide formed by the reaction of one adsorbed allyl-
thiourea layer may not be uniformly distributed ever the
silver bromide surface. This is suggested by a comparison
of the form of the reaction curve for the second adsorbed
layer with that for the firstt To make comparison easier,
the curve for the second layer reaction may be compared
with one for the first layer reaction at a pH sufficiently
higher so that the initial portions of the two curves coincide.
Such curves are shown in Fig. 4. Beyond about 30% re-
action, the curve representing the second layer falls below
that of the first.

Fig. 4.— Comparison of shapes of reaction curves for first
and second layers: < e, first layer (no prior reaction), pH
7.49; OO, second layer, pH 7.09, 20.2°.

The surface formed by reaction of the first adsorbed layer
of allylthiourea resembles that of silver bromide more
closely than that of silver sulfide, insofar as chromatographic
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properties are concerned. This was shown in a series of ex-
periments carried out in chromatographic columns packed
with silver bromide, using the technique previously de-
scribed.6 Each column contained approximately 6 g. of
silver bromide. Ten cubic centimeters of 0.001 M allyl-
thiourea was passed through a column, followed by a water
wash, then 20 cc. of 0.01 M borax to instigate reaction, and
finally 50 cc. of water. The rate of passage of the borax was
adjusted to permit reaction of the allylthiourea to go to
completion. A dye was then added (4 cc. of 0.0001 M
solution) and chromatographic development was carried
out with water as developer A silver bromide column
had been washed with borax and then water, but without
allylthiourea addition, was used as a control. The silver
sulfide columns used for comparison were treated similarly,
and contained an amount of silver sulfide to give a specific
surface for dye adsorption equal to that of the silver bro-
mide.

Fig. 5.— Chromatographic displacement of dyes by water
developer from: CO, AgBr control; AgBr after
allylthiourea reaction; AA, AQXS; -—— , phenosafranin;
——————————— , merocyanine.

Figure 5 shows the results obtained with two dyes, one
the positively charged phenosafranin and the other the nega-
tively charged solubilized merocyanine, 4-[(3-ethyl-2-(3H)-
benzothiazolylidene)-ethylidene]-3-methyl-1-(p-sulfophen-
yl)-5-pyrazolone. The amount of dye eluted (in terms of
percentage of the total dye present) is plotted against the
volume of required developer (eluate). The curves show
that the surface formed by the allylthiourea reaction differs
somewhat in adsorptive properties from that of the original
silver bromide, but the modified surface still resembles the
original silver bromide more closely than it does the silver
sulfide.

The rate of reaction of allylthiourea with silver bromide is
very dependent on pH, as noted by Carroll and Hubbard in
their kinetic studies. Data obtained in the present work
are given in Tables Ill, IV and V. A straight line is ob-
tained by plotting log rate against pH for any particular
silver bromide sample at constant temperature. Rates
which were determined for silver bromide samples | and
11, fall on the same straight line of slope 1.5. When 0.0001
M excess bromide ion is present in the solution surrounding
the sample, the reaction is even more dependent on pH, and
the straight line has a slope of about 2. The reaction of a
second adsorbed layer of allylthiourea on a silver bromide
sample which has already reacted with the first layer is less
dependent on pH. Data were obtained in two sets of ex-
periments. In the first, an adsorbed layer was allowed to
react at pH 8, and the second layer was added to the washed
sample. In the second set, the first adsorbed layer was
allowed to react, then 20 micromoles of allylthiourea was
added to the sample without removing the alkaline solution
surrounding it. After this had reacted, the sample was
washed in 0.001 M acetic acid and an adsorbed layer of
allylthiourea was formed in the usual way for the Kinetic
determinations. Within each set of data, the rates are
roughly proportional to the first power of the hydroxyl ion
concentration.

The variation of rate with temperature was determined
over a range of 20-40° under various conditions. The
reaction rates obtained are given in Tables IV and V.
Satisfactorily straight lines are obtained in an Arrhenius
plot of these data. The apparent energy of activation of

(6) T. H. James and W. Vanselow, J. Am. Chem. Soc., /3, 5617
0951).

T.H. James and W. Vanselow
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Tabte Il

D ependence of Reaction Rate upon pH at 20.25°

Added KBr AgBr sample pH Bate
None 11 6.59 . 0.65
6.70 0.92
7.01 2.40
7.22 5.1
7.39 8.6
1 7.11 3.3
7.34 8.1
7.56 16.6
0.0001 M 11 6.93 0.065
7.22 0.30
7.58 1.46
7.90 5.4
Table IV

D ependence of Reaction Rate on Temperature

Added KBr pH Abs. Temp. Hate
None 6.40 293.25 0.36
6.71 0.98
None 6.40 302.65 2.1
6.70 5.7
None 5.95 312.4 2.4
6.40 9.6
0.0001 M 6.93 293.25 0.063
.0001 M 6.93 302.65 0.57
.0001 M 6.93 312.4 4.4
Table V

D ependence of Rate of Catalyzed Reaction on

Temperature and PH

Catalyst derived from pH Aba. temp. Rate
1 Reaction cycle 5.95 293.25 1.1
6.40 2.6

7.09 12.0

5.95 302.65 3.6

6.40 8.5

5.95 312.4 11.6

1 Reaction cycle + 20 4.74 293.25 0.04
pmoles allylthiourea 5.60 1.5
5.96 2.7

6.40 6.9

the reaction in the adsorbed layer is approximately 32

kcal./mole in the absence of added bromide ion. and 40 kcal./
mole in the presence of 0.0001 M excess bromide ion.
In the presence of sulfide formed by previous reaction of ad-
sorbed allylthiourea, the apparent activation energy is only
22 kcal./mole, i.e., 10 kcal. lower than that for the reaction
of the first adsorbed layer. The sulfide catalysis, therefore,
lowers the activation energy of the reaction.

The reaction rates of thiourea itself and several of its
derivatives were determined at pH approximately 7.2.
The results are listed in Table VI in the order of increasing
reaction rate.

Table VI

Relative Rates of Reaction of Substituted T hioureas

at Constant pH

Max. Max.
rate, rate,
Substituent pH %/min. Substituent pH  %/min
1,1,3,3-Tetramethyl 7.20 0.00 None (thiourea) 7.17 3.7
1,3-Diethyl 7.18 0.27 Allyl 7.19 4.8
1,1-Dimethyl 7.18 0.33 Phenyl 7.18 18.2
Methyl 7.18 2.4 Acetyl 7.18 4G
Discussion

Allylthiourea is strongly adsorbed by silver bro-
mide. As the concentration of allylthiourea in
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solution is increased, a well-defined adsorbed layer
of material which is not removed by washing forms
on the silver bromide surface. This layer contains
0.53 micromole per 1440 cm.2 and probably repre-
sents a monolayerb The allylthiourea molecule
covers about 46 sq. A. The areas estimated from a
molecular model of allylthiourea are about 39 sq.
A. for the molecule adsorbed on its side, and 57 sq.
A. for the molecule lying flat.

The adsorbed allylthiourea reacts with the sil-
ver bromide at a rate which is dependent on the pH,
bromide ion concentration and temperature of the
solution. The presence of excess bromide ion de-
creases the rate of reaction. The rate varies in-
versely as the logarithm of the bromide ion concen-
tration, and hence directly as the logarithm of the
equilibrium concentration of silver ions in the solu-
tion. This relation is consistent with the assump-
tion that the rate varies as the concentration of ad-
sorbed silver ions, since the latter should vary as
the logarithm of the concentration of the ions in
solution.7

The rate of the reaction between the allylthiou-
rea and pure silver bromide varies as about the 1.5
power of the hydroxyl ion concentration in the ab-
sence of excess bromide, and as about the 2.0 power
in the presence of 0.0001 M IvBr. If the reaction
involves the thiol ion, a part of this pH dependence
is accounted for, since the rate of formation of the
ion should vary as the first power of the hydroxyl
ion concentration. The assumption that the thiol
ion is the active form is strengthened by other
considerations. Tetramethylthiourea, which can-
not exist in the thiol ion form, is essentially inert.
Electron acceptor groups, such as acetyl, phenyl
and allyl, should increase the tendency to form the
thiol ion, and these groups increase the rate of re-
action of thiourea. Electron donor groups, such
as methyl and ethyl, should decrease the tendency
to form thiol ion and do decrease the rate of reac-
tion.

The following reaction scheme is suggested: Two
silver ions are involved in the formation of the sil-
ver sulfide. The adsorption of the thiourea in-
volves a strong bond between the sulfur of the thio-
urea molecule and a silver ion of the silver bromide
surface. This silver ion, accordingly, is not a vari-
able in the reaction. The second silver ion in-
volved is one adsorbed by the silver bromide sur-
face, and is dependent on bromide ion concentra-
tion. We may represent the adsorption bond be-
tween the sulfur and silver ion schematically

or — G— S ==Ag +

depending on whether the ohiourea is adsorbed in
the thione or thiol form. The former seems more
probable, since the thiourea exists in solution pri-
marily in the thione form, and adsorption shows lit-
tle or no dependence on pH. In the presence of
hydroxyl ion, ionization occurs with the formation
of an ionic bond between the thiol ion and silver ion.

(7) 1. M. KolthoS, T his Joubnal, 40, 1027 (1936); I. M. Kolthoff

and J. J. Lingane, J. Am. Chem. Soc., 58, 1528 (1936).
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an Adsorbed Layer of Allylthiourea

>-S-Ag
H N

This silver thiourea compound reacts with the ad-
sorbed silver ion.

C—S—Ag + Ag+ m —C=N + Ag,S + H +

H— N

Possibly this stage is catalyzed both by silver sul-
fide and by hydroxyl ions. In the presence of sul-
fide catalysis, hydroxyl ion catalysis is insignificant.
In the absence of sulfide catalysis, hydroxyl ion
catalysis becomes important and increases the de-
pendence of the over-all reaction on the hydroxyl
ion concentration.

The curves representing the reaction of the ad-
sorbed allylthiourea with silver bromide which has
had no previous sulfiding treatment show no evi-
dence of autocatalysis in spite of the fact that silver
sulfide is formed. This, however, is not surprising.
If the allylthiourea molecules react at the points
at which they are adsorbed, only about one sulfide
ion will be formed for every three to four surface
lattice positions. A silver sulfide molecule formed
at one point is unlikely to exert any catalytic in-
fluence on the reaction of a neighboring allylthio-
urea molecule when the zone of reaction of the lat-
ter is this far removed. Some pairs of molecules,
because of the random distribution of positions, may
be close enough together that sulfide formed by re-
action of one could catalyze reaction of the other,
but such an event would not be detected because
the dye molecule requires a larger area for adsorp-
tion than the allylthiourea molecule. When a sec-
ond layer of allylthiourea is adsorbed, many of the
molecules should be adsorbed by silver ions adja-
cent to the silver sulfide molecules formed in the
reaction of the first layer, and thus react at a greater
rate. The shape of the reaction curve of the second
layer (see Fig. 4) suggests, however, that the cataly-
sis is not exerted uniformly over the entire surface,
and it is probable that some of the molecules of the
second layer react without the aid of catalyst.
This, again, would be anticipated from purely
space considerations.

The rate of reaction of adsorbed allylthiourea
continues to increase with increasing amount of
sulfide initially present, even when that amount
exceeds by several-fold that necessary to form a
uniform monolayer of silver sulfide over the silver
bromide surface. This suggests that the silver sul-
fide is not present as a uniform layer, but rather as
islands on the silver bromide surface. Such islands
could form by a migration of sulfide ions along the
surface to form aggregates of silver sulfide mole-
cules, which could then crystallize. The catalytic
activity of sulfide formed by the reaction of a single
adsorbed layer of allylthiourea decreases on aging
of the sample, and this supports the suggestion that
some rearrangement of the sulfide on the surface
does occur. It is possible that nuclei of silver sul-
fide may form in this way, even when the amount of
thiourea reacting is less than that required to form a
monolayer.
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Pretreated and used iron Fiseher-Tropsch catalysts were studied by electron and X-ray diffraction using powder tech-
niques. For precipitated catalyst's that had been carbided or nitrided the same phases were identified by both electron and
X-ray diffraction. Nitrided fused or sintered catalysts showed diffraction patterns of iron nitrides, but carburized samples
produced only the electron diffraction patterns of magnetite or structural promoters although X-ray lines for the carbides
were obtained. Before extraction with toluene used catalysts gave electron diffraction patterns only of wax. Except for
some samples of extracted, used, nitrided catalysts for which electron diffraction patterns of e-iron carbonitride were ob-
tained, most extracted, used catalysts showed only the electron diffraction lines of magnetite or of the structural promoters.
For all catalysts the electron diffraction patterns of the interstitial phases were less complete than the corresponding X-ray

diffraction patterns.

Electron diffraction has been frequently men-
tioned as an excellent method for studying solid
catalysts. The electrons usually penetrate less
than 0.1 fx and hence the diffraction pattern results
from the crystal structure of the solid within about
1000 A. of the surface. However, almost all of the
published work on electron diffraction by catalysts
has been on those of the evaporated-film typeland
not on the granular or powdered types used in com-
mercial processes.

X-Ray analysis yields diffraction patterns re-
sulting from both surface and bulk phases, since
X-rays penetrate solids. However, the phases near
the surface of a heterogeneous solid may comprise
only a small fraction of the solid and may therefore
not be detectable by X-ray diffraction analysis.
X-Ray analysis and electron diffraction are thus
complementary. Both types of diffraction pat-
terns result from diffraction by crystallites larger
than about 30 A. in diameter. In both cases the
degree of order within the crystallite and its size
are important in determining the completeness and
sharpness of the resulting diffraction pattern.
The present diffraction study was made wit h granu-
lar iron Fiseher-Tropsch catalysts after various
pretreatments and use in the synthesis.

Experimental

Materials.— The type and composition of the catalysts
employed in these experiments are given in Table I. The
methods of preparing fused, sintered, cemented and pre-
cipitated catalysts have been described previously.3-5

(1) O. Beeck, Rev. Modern Phys., 17, 61 (1945).

(2) An incorrect but widely held view is that, the electron diffraction
patterns of finely divided, nearly amorphous material will give sharp,
easily identifiable patterns, while X-ray diffraction patterns of the
same sample may be diffuse to the point of unrecognizability. This
“effect” is attributed to the relatively short wave length of the com-
monly used 50 kv. (X = 5 X 10-10cm.) electrons. Although electron
diffraction has many advantages over X-ray diffraction in the study
of colloidal materials, the above is not one of them. The angle of
deviation, 29, of a diffracted beam is given by Bragg's law, 29 — 2
arcsin 6 = \/d. The line broadening, B, due to small crystallite
size is given by the equation of Laue B = 0.9X/i cos 6, where t is the
particle size. If 6 is less than ~22°, cos 6 is approximately constant,
and arcsin 9 =. 9. This is the region of 9 most generally used for
identification. Both B and 9 vary directly with X; thus, the resolution
is not improved with change in wave length.

(3) W. K. Hall, W. 3. Tarn and R. B. Anderson, ,7. Am. Chem. Soc.,
72, 5426 (1950).

(4) R. B. Anderson, B. Seligman, J. F. Shultz, R. Kelly and M. A.
Elliott, Ind. Eng. Chem., 44, 391 (1952).

(5) R. B. Anderson, J. F. Shultz, B. Seligman, W. K. Hall and IT. H.
Storch, J. Am. Chem. Soc., 72, 3502 (1950).

The implications of the diffraction data with respect to the mechanism of the synthesis are considered.

Tabite |

Type and Composition of Catalysts

Catalyst.
type and no. Fe KV) MgO AML Sich Cu
Fused
A2102 100 0.5
D3001 100 .85 0.8 1 05"
D3008 100 1.30 2.83 .20
Sintered
A2101 100 61
A2106.il 100 .04
A2106.03
Cemented
A3213.24 100 .52 5.0
A3215 100 .85 3.6
A3218.20 100 1.75 3.5
Precipitated
1.2002 100 .06 0.0
LH3001 100 .5 10.
P3002.1 100 12 .56
P3003
P3003.1
P3003.05 100 ° 10.
P3003.24

0 Also contains 1% Cr2 3.

Catalyst Pretreatment and Testing.— The fused, sintered
and cemented iron catalysts were reduced in electrolytic
hydrogen at hourly space velocities of 1,000 to 2,500 and
temperatures of 400 to 550° for 20 to 60 hours, the condi-
tions of reduction varying with the type and composition of
the catalyst.46 The reduced catalysts were used directly
in the synthesis or carbided with carbon monoxide or ni-
trided with ammonia prior to use. Hagg carbide was pre-
pared by carbon monoxide treatment of the catalyst at a con-
stant temperature between 225 and 275°. However, a more
rapid method of carburization with carbon monoxide en-
tails progressively increasing the temperature from 180 to
350° at such a rate that the carbon dioxide content of the
exit gas remains about 25%. Cementite was prepared by
heating a mixture of iron and Hagg carbide (carbon-iron
atom ratio about 0.33) in helium at 500° for 6 hours.6
Hexagonal iron nitride was prepared by treating the reduced
catalyst with ammonia at hourly space velocities of 1,000 to
5,000 for 6 hours at 300 to 400°.5

Most of the precipitated catalysts were pretreated with
1H 2:1 CO synthesis gas at a space velocity of 100 and atmos-
pheric pressure for 24 hours at 235 to 270°.7 In this pre-

(6) L. J. E. Hofer and E. M. Cohn. J. Chem. Phys., 18, 766 (1950).
(7) J. F. Shultz, B. Seligman, L. Shaw and R. B. Anderson, Ind.
Ena. Chem., 44, 397 (1952).
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treatment the ferric oxide was reduced to magnetite and
small to moderate amounts of higher-iron carbides. Fairly
complete carburization of precipitated catalysts to iron car-
bides may be accomplished by treatment of either the raw
or reduced catalyst with carbon monoxide at atmospheric
pressure. The formation of hexagonal carbide free of Hagg
carbide requires a relatively low carburization temperature,
perhaps below 200°, whereas Hagg carbide free of cementite
can be prepared at temperatures from 225 to 300°. Pre-
cipitated iron catalysts can be reduced in hydrogen at rela-
tively low temperatures, such as in 17 hours at 300° with a
space velocity of hydrogen of 1,000.3 The reduced cata-
lysts may be converted to e-nitride by ammonia treatment
at space velocities of 1,000 for 6 hours at 300 to 400°.

The pretreated catalysts were started in the synthesis at
200 or 220° (depending upon the expected activity), and at
absolute pressures of 7.8 or 21.4 atmospheres of 1H2:1CO0
gas. Space velocities of about 100 and 300 were used for
tests at 7.8 and 21.4 atmospheres, respectively, and the
temperature of operation was increased 7° per hour until the
apparent (carbon dioxide-free) contraction increased to
63-65%. Thereafter, this conversion was maintained by
varying the temperatures. In detailed studies of the
changes in catalyst composition during the synthesis, the
temperature of operation was maintained constant and the
space velocity was varied to maintain constant conversion.
The testing apparatus has been described previously.68

X-Ray Diffraction Methods.— The X-ray diffraction
methods were essentially the same as those previously de-
scribed.9 In the case of used catalysts, the samples, wet
with hydrocarbons, were ground to about 120 mesh in either
a simple mortar or a Plattner diamond mortar, depending
on hardness and malleability. The wet samples were mixed
with collodion, packed in 19-gage stainless-steel tubes of 0.7
mm. i.d., and extruded. These procedures avoided oxida-
tion detectable by X-ray diffraction.

Electron Diffraction Methods.— To obtain satisfactory
transmission electron diffraction patterns of solids, the
particles must be very fine, since electrons can penetrate
only a very thin layer of material before they are inelasti-
cally scattered and incapable of contributing to the diffrac-
tion rings. For 60 kv. electrons the greater part of the
diffraction pattern is formed by efectrons that have pene-
trated not more than 0.1 n of materials as dense as metals.10
The particles need not be as small as this, because diffrac-
tion can occur through protrusions on and around the per-
iphery of larger particles. However, the smaller the aver-
age size of the particles, the greater will be the amount of
material that is sufficiently thin to contribute to the diffrac-
tion pattern.

The precipitated catalysts were easily ground to very
fine particles, but the fused catalysts were much harder,
often necessitating rigorous and prolonged grinding in a
synthetic sapphire mortar. The catalysts were covered by
liquid toluene or heptane during this operation to prevent
oxidation. Several drops of concentrated slurry were then
placed on a microscope slide, abom 4 drops of a 2% solution
of Parlodion in amyl acetate were added, and the slurry
was mulled with a glass rod to disperse the particles. More
amyl acetate was added until the material appeared well dis-
persed. A little of the slurry adhering to the rod was then
quickly drawn out on a clean slide, leaving upon drying a
dispersion of particles embedded in a Parlodion film. This
was scored into VMnch squares and floated off on a water
surface. Two superimposed Vs-mch discs of 200-mesh
screen were brought up under one of the squares which
appeared of suitable density, and the screens and film were
lifted out and blotted on cloth. The top screen was then
lifted off, and the sample was ready for examination.

The diffraction patterns were obtained with the diffrac-
tion adapter of an RCA Model B electron microscope, using
60 kv. electrons. They were photographed on lantern-slide
medium plates, with exposures of about one minute. The
instrument was calibrated by measurement of the diffrac-
tion rings of magnesium oxide smoke. The d-values of
these were taken from the tables of Hanawalt, Rinn and

(8) R. B. Anderson, A. Krieg, B. Seligman and W. E. O’Neill, ibid.,
39, 1548 (1947).

(9) L. J. E. Hofer, E. M. Cohn and W. C. Peebles, J. Am. Chem.
Soc., 71, 189 (1949).

(10) G. P. Thomson and W. Cochrane, “Theory and Practice of
Electron Diffraction,” The Macmillan Co., London, 1939
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Frevel.ll The formulad/n =
K'/D, derived from the
Bragg diffraction equation,
for fixed accelerating voltage
(X of electrons) and fixed
specimen-to-plate distance
was used to calculate the
interplanar spacing, d, from
the diameter of the rings, D,
after determining K’ with
the calibrating material.12

The first electron diffrac-
tion patterns of used iron
catalysts showed only ad-
sorbed wax, the patterns
being identical w-ith those
obtained from the Fischer-

Tropsch wax alone. Extrac-
tion of the catalysts with
toluene for 48 hours in a
modified Soxhlet apparatus
was found to be sufficient
to greatly reduce or elimi-
nate the diffraction lines
corresponding to wax, and
based on these preliminary
experiments the following
method was established for
extracting used catalysts:
The catalyst was dropped
from the reactor (in synthe-
sis gas and at operating tem-
perature) directly into hep-
tane. A representative sam-
ple of the catalyst was
crushed in a mortar contain-
ing heptane, and the wet
material was transferred to a
small bottle. The bottle was
put into a conventional ex-
traction apparatus, and a
small funnel was placed in
the bottle as shown in Fig. 1.
The condensed toluene flowed
into the funnel (which ex-
tended to the bottom of the
bottle) over the catalyst, and
out of the top of the bottle.
The catalyst was thus al-
ways maintained under liquid
toluene to prevent oxidation. To ensure rather complete
removal of the adsorbed hydrocarbons, the samples were
extracted for about 72 hours, after which the bottle was
removed and stoppered.

To make sure that no oxidation occurred during this pro-
cedure, a sample of a precipitated catalyst (P3002.1) was
reduced in hydrogen at 350°, transferred to a bottle without
contact with air, and stored in heptane. One portion of the
reduced catalyst was used directly for electron diffraction,
while a second sample was extracted with toluene (as de-
scribed above) before analysis. Both samples produced
patterns of metallic iron only.

Results

Figure 2 presents a schematic comparison of the
X-ray and electron diffraction patterns of a-iron,
magnetite, Hagg carbide, hexagonal close-packed
iron carbide, cementite, e-iron nitride, e-iron car-
bonitride and magnesium oxide. The data from
which these diagrams were prepared are given in
Table Il. Some of the X-ray patterns were taken
from previous work in this Laboratory, while others
were taken from the tables of Hanawalt, Rinn and
Frevel. In general, there is good agreement be-
tween the X-ray and electron diffraction patterns.

(11) J. D. Hanawalt, H. W. Rinnand L K Frevel, lad. Eng. Chem.,
Anal Ed., 10, 457 (1938).
(12) R. B Picard, App. Phys., 15, 678 (1944).
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Table Il
Comparison of X-Ray and Electron Diffraction Patterns of Phases in Iron Fischer-T ropsch Catalysts*
Diffraction--—-----—-—- o Diffraction Diffraction-—----- - E—— Diffraction)—(—-'-:; ------
Electron X-Ra Electron X-Ray Electron X-Ray ectron -Ray
n 1/7h d/n’ sh d/n i/h  d/n 1/h d/n d/n 1/1x d/h i/h d/n i/h
a-Fe6 FeC (Hagg)l FeX (hex.)' <Fe.N4-
2.03 s 2.01 1.00 2.62 VW 2.38 W 2.37 M
1.43 w  1.428 0.15 2.45 W 2.48 w 2.16 M 2.19 M
1.17 s 1.166 .38 239 W 210 S 208 VS 2.08 s 2.08 Vs
1.02 VW  1.010 10 2.26 M 161 M 160 M 1.60 M 1.61 M
0.903 M  0.904 08 2.19 w  2.18 M 139 W 137 M 1.37 W 1.375 M
829 VW 825 .03 2.06 VS 124 m 124 M 1.24 M 1.25 s
767 M 764 10 2.04 S 203 VS 116 M 116 M 1.17 s
1.16 M 1.15 s
674 w 676 .03 1.98 W (br) Fexoc
Feao/ 1.91 M 245 W 237 1.10 vw
ea
W 1.79 W 1.80 S . 5 % M 1.05 w
2.97 2.97 0.28 176 VW .. w 1.00 W
2.52 S 253 1.00 172 UW 2,18 w
2.42 0.11 ' 2.10 w e-Fe2X de/ (carbonitride)
' : 1.68 VW 1.67 VW :
2.10 W 2.10 32 162 VW 206 S 206 M 2.37 M
’ 2.19 M
1.71 w171 16 o YW 157 S 2.817 VS oo . 219 -
1.61 Mo 161 64 150 vw 150 vw 1. M : :
1.48 M  1.483 .80 137 VW 1.87 M 1.60 M 1.015 M
1.326 .06 1'34 VW 1..85 M 1.36 w  1.37 s
1.28 W 1.279 20 1'32 VW 1. 68 W 1.24 w 1.25 s
1.210 .05 127 W 1.58 w 1.17 s
1.12 VW  1.121 .10 ’ 151 VW 1.8 w 1.14 1.15 s
1.24 VW 1.25 w
1.09 M 1.092 .32 1403 vw 1.10 vw
1.21 M 1.21 M
1.049 .10 117 W 128 W 132 wm 1.05 w
971 W 0970 .16 ’ 122 wm 1.00 w
1.16 W  1.16 w 121 N4
940 .06 114 W . M 1. M MgO5
877 VW 880 .10 4, M 1.13 M 1189 wm 545 W 242 0.06
.857 w 859 .20 ' 1.159 S : : :
111 W(br) 210 s 2.10 1.00
853 .08 1.00 Wb 11499 wm L 40 L 485 e
809 W 814 .10 ' 1124 ¢ : s : :
109 m 1104 S i;fg ‘ig
1.0 VW t2lw e o
1.087 vw : '
1 052 v .936 wW .94 .10
lI(DZ YW 857  w 86 .04
.986 M (br)
“d/n = interplanar spacing in Angstroms; 1/h = estimated relative intensity; S = strong; M = medium; W = weak;
V = very; br = broad. bX-Ray data from Hanawalt, Rinn and Frevel, Ind. Eng. Chem., Anal. Ed., 10, 457 (1938).

cX-Ray data from Hofer, Cohn and Peebles, J. Am. Chem.
of Mines work. * Contains a trace of magnetite.

Complete agreement would not be expected, since
there are fundamental differences between electron
waves and X-rays. The discrepancies found in
the present study between the results of X-ray
diffraction and electron diffraction seem to be be-
yond the scope of Thomson and Cochrane’'sD
findings.

In the electron diffraction patterns of the inter-
stitial compounds, iron carbides, nitrides and car-
bonitrides, many reflections are missing. On the
whole, the electron diffraction patterns of the other
phases are quite complete. Recently, Trillat and
Oketanil3 have published essentially complete
electron diffraction patterns of cementite and
Hagg carbide. Their metal specimens were made
by subliming iron on single crystals of rock salt and
then dissolving the salt from the film. Metal pre-
pared in this way is almost entirely strain-free,
since completely reversible electrodes can be made

(13) J. J. Trillat and S. Oketani, compt. rend., 230, 2203 (1950);
232 1116 (1951); 233 51 (1951).

' C/Fe atom ratio =

Soc., 71, 189 (1949). d¢(R ay data from unpublished Bureau

0.16; N/Fe atom ratio 0.37.

from it.4 Metals prepared by the reduction of
catalysts at temperatures so far below the melting
point and in the presence of promoters are probably
highly disordered and stressed. The interstitial
phases derived from such metals will also be highly
stressed. Furthermore the structures of inter-
stitial compounds of iron are much more suscepti-
ble to stress and the results of stress will be much
more dramatic than in the case of the original metal.
This conclusion derives from the Hagg classifica-
tion5of interstitial compounds into the stable and
unstable forms depending on whether the ratio of
the carbon atom radius to the metal atom radius
is less than or greater than about 0.58. The iron
interstitial compounds belong to the unstable
group and reflect this instability by the relatively
low temperatures at which they either decompose
or rearrange to form new phases, the large number
of structures which they can assume, and the rela-

(14) B. C. Bradshaw, J. Chem. Phys., 19, 1026 (1951)
(15) G. Hagg, Z. Physik. Chem., B12, 33 (1931).
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tive complexity of some of these structures. Ap-
parently surface disorder can be observed only by
electron diffraction.

In Tables 11l to V, the phases are reported in

Table Il

X -Ray and Electbon Diffraction Data of Pretreated

Iron Catalysts
Phases indicated bye

Ex- X-Ray Electron
peri- --------Catalyst- dif- dif-
ment Number  Type'2 Pretreatment& fraction fraction
29-1 D3001 F R, C X MgO
30-1 D3001 F R a MgO
2 R, C X MgO
3 R, C, R a MgO
4 R, C oc, X MgO
32-1 P3003.1 P R, C, R a, Cu re, M
2 R, C €-C e-C, M
3 R o, CU 2
4 R, C 6-C, a e-C
36-1 P3003.1 P R oc, Cu a, M
2 R, C e-C
3 R, C oc, e-C e-C
4 R, C e-C, Cu e-C
411 R, C, T C C
43-3 P3002 P R, C e-C, a M, e-C
4 R, C e-C, a e-C
45-1 P3002.1 P C M ,x M
4 C M, X M
46-1 P3002.1 P C Xr M X
4 C M, eC M
47-1 P3002.1 P R, C X, M? X
2 R, C X, M X
3 R, C X, M X
4 R, C M, x M
48-1 P3002.1 P R, C, R oc, X a
2 R, C, R, C, R o X a
3 R, C, R oc, X a
A2106.052 S R, C X M
N-32 A2106.05 S R, N e-N e-N
N-40 D3001 F R, N e-N e-N, MgO
nF = precipitated and S sintered. iR =

fused, P =
reduced in H2, C =

carburized in CO, T = heat treatment
in helium or vacuum at 450°, and N =

nit-rided in NH3

ca = a-iron, M = magnetite, X = Hagg carbide, C = ce-
mentite, e-C = hexagonal iron carbide, e-N = hexagonal
iron nitride, MgO = magnesia and Cu = copper. Phases

are listed in order of decreasing intensities of diffraction
patterns; questionable patterns are marked

Table IV

X -R ay and Electron D iffraction D ata of Samples of
a Fused Catalyst (D3001) Taken during the Synthesis.

(1112 + ICO Gas at 7.8 Atm.)
X---———- Phases identified by®---------
Testing, Av. temp., Rav Electron
days °c. diffraction diffraction
Test X194, Catalyst reduced
oc MgO, a
2 234 oc, M MgO, M
8 258 a, M, x MgO, M
22 258 MgO, M
50 257 da, M, x MgO, M
64 257 M, x» °c M, MgO
79 256 M, X, « M, MgO
90 272 M, x, @ M, MgO
97 300 M, x, a M, MgO

Iron Fischer-Tropsch Catalyst
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Test X294, Catalyst reduced and carburized to liagg carbide

0 X, a MgO
2 210 X, a MgO
12 230 X, a, M? MgO
54 228 X; M MgO, ?
61 229 X, M MgO, ?
68 228 X. M MgO, ?
89 229 X, M MgO

Test X317, Catalyst reduced, partially carburized to Hagg
carbide, and then heated to produce cementite

0 C MgO
4 220 C MgO
10 230 c MgO
24 231 c MgO
42 234 C, M MgO
56 236 C, M MgO, M ?
70 237 C, M MgO, M
84 237 C, M MgO, M ?
°a - a-Fe, M = magnetite, % = Hagg carbide, C =

Phases listed in order of
questionable

cementite, and MgO = magnesia.
decreasing intensities of diffraction patterns;
patterns are marked “?” .

the order of decreasing intensity of the diffraction
patterns. When the diffraction pattern was very
weak or many lines were missing, the phases re-
ported in the tables are indicated as questionable.

Fig. 2.— Comparison of X-ray (X) and electron (E)
diffraction patterns of phases in iron Fischer-Tropsch
catalysts.

The data of Table 111 (obtained with specimens
that were not used for synthesis) indicate that iron
and the iron carbides in precipitated catalysts were
usually identified by both electron and X-ray dif-
fraction. Hagg carbide in these catalysts was ob-
tained by both methods, regardless of whether the
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Table V

Phases Indicated by X-Ray and Electron Diffraction of Used Fischer-T ropscii Catalysts.

(A1l Tests with

1112+ 1CO Gas Unless Otherwise Noted)
----------- Synthesis conditi ons----------- —------------Phases indicated by»--------—n
Catalyst Test Pre- Pressure, Av. temp., Testing, X-Ray Electron
type and no. no. treatment'l atm. °C. wk. diffraction diffraction
Tused
D3001 X-100 R 7.8 267 6 M, a M, MgO ?
152 R 7.8 270 7 M, fv, x M, MgO ?
162 R 7.8 250 5 Al, X, a M, MgO ?
225 R, N 21.4 236 15 t-CN” e-CN“?, ?, Al?
236 R, N 7.8" 230 7 eCN" MgO, M
275 11.0
R, X
17.8 228 6 e-CN' MgO, M
286 R, N, C 7.8 219 6 t-CN' MgO, M
289 R, C .8 229 28 X, Al ? MgO, ?
327 R, N 21.4" 212 9 e-CN", M? ?
D3008 253 R, N 7.8 230 7 e-CN" Al?, e-CN?"
A2102 164 R 7.8 286 4 M, a, x Al
Sintered
A2101 166 R 8 234 7 X, Al M
A2106.11 266 R, N . 216 6 eCN* e-CN", M
A2106.052 3s9 R, C 7.8 210 5 x, Al, S ?
Cemented
A3213.24 131 R 8 232 4 a, X, Al at
A3215 138 R .8 242 6 a, M, % ?d
A3218.20 1s6 R 7.8 264 1 X
Precipitated
L2002 119 ! 7.8 244 5 Al, X M
LH300lI 81 1 7.8 233 9 M
P3003.05 86 ! 7.8 236 10 M
P3003 87 ! 7.8 250 11 M
P3003.21 143 X 7.8 236 5 Al, e-C", Cu M
245 R 7.8 229 7 e-C". Al, Cu, X ?
273 R, X 7.8 229 6 e-CN", Cu e-CN"
324 R, C 7.8 229 8 x, S M, ?
" li = reduced in IP. N = nitrided in NH3 C = carburized in CO, | = inducted in synthesis gas, and X = no pretreat-

ment. ba = «iron, M = magnetite, x = Hagg carbide, e-C =
and MgO = magnesia.
marked “?.” e 1H2 + 1.5CO gas used.

carbide and e-carbonitride are essentially indistinguishable.

phase is the more probable in the light of its previous history.

oxides were first reduced and then carburized or
whether they were carburized directly. In a few
cases the less-intense pattern was not found by one
or the other method. However, the electron dif-
fraction patterns of iron carbides were not obtained
with reduced and carburized catalysts which orig-
inally contained massive, non-porous magnetite.
Thus a carburized sintered catalyst (A2106.052)
produced the electron diffraction pattern of mag-
netite, whereas X-ray diffraction indicated the
presence of Hagg carbide only. Although X-ray
diffraction patterns of many samples of a reduced
and carburized fused catalyst (D3001) indicated
the presence of iron and Hagg carbide, electron
diffraction patterns usually contained only the
lines of the structural promoter, magnesium oxide.
Only in the first sample of test X 194 with a fused
catalyst (Table 1V) were electron diffraction lines
of iron observed in addition to those of magnesium
oxide. However, lines of e-nitride were found in
the electron diffraction patterns of sintered and
fused catalysts that had been nitrided.

Similarly, the examination by electron diffrac-
tion of samples of a fused catalyst (D3001), re-
moved from the reactor at various intervals during

Phases listed in order of decreasing intensities of diffraction patterns;
d Possibly an alumina phase or phases.
The one or the other phase is indicated depending on which

e-carbonitride, S = siderito,
questionable patterns are
e The diffraction patterns of hexagonal

hexagonal carbide, e-CN =

the synthesis, showed the pattern of magnesia most
prominently; however, the magnetite pattern was
also observed (Table IV). In test X194, X-ray
and magnetic analyses® indicated the relatively
rapid formation of at least about 20% of Hagg car-
bide and a slower rate of formation of magnetite.
However, the Hagg carbide content reached its
maximum and decreased slowly after about 8 days,
whereas the magnetite content increased through-
out the period of testing. The electron diffraction
data indicate the presence of magnetite, even in
the reduced catalyst. The magnetite pattern in-
creased in intensity and became more intense than
that of magnesia after 9 weeks of synthesis.

In test X294 (Table 1V) the same catalyst (D-
3001) was converted to Hagg carbide before use
in the synthesis. Magnetite lines were observed
by X-rays after 12 days of testing, but these re-
mained secondary to the Hagg carbide lines
throughout the test. With the exception of sev-
eral unidentified lines found in three of the samples,
only magnesia lines were found by electron dif-
fraction. Thus, both X-ray and electron diffrac-

(IB) R. B. Anderson. L. J. 13 TTofer, E. M. Cohn and B. Seligman,
<. Am. Chem. Sac., 73, 944 (1951).
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tion indicate that this carbided catalyst was oxi-
dized at a slower rate than the reduced catalyst.

Similar results were obtained in test X317, in
which this catalyst was converted to cementite
prior to the synthesis. Here again, both X-ray
and electron diffraction indicate a slower rate of
oxidation than for the reduced catalyst. The elec-
tron diffraction pattern contained only lines of
magnesia for the first 42 days of the test; after
this period, weak lines of magnetite appeared in
addition. The precarbided samples of this fused
catalyst were considerably more active than the
reduced one.

Data from other tests of catalyst D3001 (Table
V) are similar to those in Table IV. After several
weeks of use in synthesis, samples that were re-
duced initially (tests X100, X152, and X162) pro-
duced the electron patterns of magnetite and pos-
sibly magnesia, while X-ray analysis indicated the
presence of Hagg carbide and iron in addition to
magnetite. A sample that was initially converted
to Hagg carbide (X289) produced the electron dif-
fraction pattern of magnesia plus some unidenti-
fied lines. Fused catalysts D3001 and D3008 were
reduced and nitrided before use in tests X225 and
X253. In the synthesis the e-iron nitride was con-
verted to e-iron carbonitride, and no magnetite
was found by X-ray diffraction. The electron
diffraction lines were difficult to interpret but
appeared to be those of e-iron carbonitride and
magnetite. In tests X236, X275 and X327, cata-
lyst D3001 was reduced and nitrided; however,
after synthesis lines corresponding to the e-iron
nitride or carbonitride phases were not found in
the electron diffraction pattern. In test X286
this catalyst was reduced, partly nitrided, and car-
burized to form an e-carbonitride, but the electron
diffraction pattern of the e-phase was not obtained
from the used catalyst.

The results with sintered catalysts were similar
to those obtained with fused catalysts. After
synthesis a sample that had been reduced initially
(X166) produced the electron diffraction pattern
of magnetite only, whereas X-ray analysis indi-
cated Hagg carbide as the major phase. A used,
initially carburized sintered catalyst produced an
electron diffraction pattern that could not be iden-
tified (X389). A used, sintered catalyst that had
been nitrided (X266) produced patterns of e-car-
bonitride and magnetite by both electron and X-
ray diffraction.

A used cemented catalyst (X186) showed an ex-
ceptionally sharp and well-defined X-ray pattern
of Hagg carbide. Its electron diffraction pattern
contained only unidentified lines. Catalysts of
this type were made by cementing a magnetite
powder into coherent granules with alumina from
aluminum nitrate. Hence, each particle of iron
oxide was surrounded by a coating of alumina, and
thus it is not unreasonable to attribute the ob-
served lines to an alumina phase.

Precipitated catalysts that were inducted in syn-
thesis gas produced the electron diffraction pattern
of magnetite only, although in test X143 the X-
ray diffraction patterns of hexagonal iron carbide
and copper were also observed. The electron dif-
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fraction pattern of a reduced precipitated catalyst
(X245) could not be identified, and the pattern of
the reduced-and-carbided precipitated -catalyst
(X324) was also difficult to identify but appeared
to contain the lines of magnetite. The reduced-
and-nitrided catalyst used in test X273 produced
electron and X-ray diffraction patterns of e-car-
bonitride.

The experimental results may be summarized as
follows:- (a) For reduced, carbided, or nitrided
precipitated iron catalysts electron and X-ray dif-
fraction indicated the presence of the same phases.
The electron and X-ray diffraction patterns of in-
terstitial compounds are similar but have some
characteristic differences.

(b) After use in the synthesis and extraction,
precipitated iron catalysts usually produced elec-
tron diffraction patterns of magnetite only, even
though the X-ray diffraction patterns contained
lines of Hagg carbide and/or hexagonal iron car-
bide. Only a used reduced-and-nitrided precipi-
tated catalyst showed an interstitial phase, e-car-
bonitride by both electron and X-ray diffraction.

(c) After suitable pretreatment or use in the
synthesis, fused catalysts containing magnesia
usually produced electron diffraction patterns of
magnesia or magnetite, although X-ray diffraction
indicated the presence of metallic iron, Hagg car-
bide, and/or cementite. Nitrides and carboni-
trides were the only interstitial phase identified by
electron diffraction.

(d) Nitrides and carbonitrides were the only in-
terstitial phases detectable by electron diffraction
of sintered and cemented catalysts.

(e) Catalysts converted to cementite, Hagg car-
bide, or e-iron nitride resisted oxidation during the
synthesis; nitrides were more resistant than car-
bides.

Discussion

An interesting result of these studies is the ap-
parent absence of iron carbides in the surface lay-
ers of used Fischer-Tropsch catalysts. However,
interpretation of the data is complicated hy the
following factors: (a) If the carbide consists of
small and/or highly disordered crystallites, it may
produce either indistinct electron diffraction pat-
terns or patterns that differ considerably from
those of the bulk phases.

(b) Unidentified lines found in some of the elec-
tron diffraction patterns may correspond to an un-
known iron carbide or a related phase. However,
no lines corresponding to the carbide reported by
Ekstrom and AdcockX were found by either elec-
tron or X-ray diffraction.

() With sintered or fused catalysts, electron
diffraction patterns of carbides were not obtained,
although X-ray and magnetic analyses indicated
that Hagg carbide or cementite was the principal
phase in a given sample. However, since the elec-
tron pattern due to magnetite either appeared or
became more intense during synthesis, it must be
inferred that iron or some of its compounds in some
amorphous form is present in the surface. In

17) 1. C. Ekstrom and W. A. Adcock, J. Am. Chem. Soc., 72, 1042

(1950).
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some cases, catalysts converted to e-iron nitride
produced the electron diffraction pattern of the e-
phase both after pretreatment and after use in the
synthesis. Hence the e-phase must be present near
the surface.

By electron diffraction, magnetite is usually
found in iron catalysts that have been used in the
synthesis, whereas metallic iron and carbide
phases may be indicated by X-ray diffraction.
These facts suggest that the catalysts are oxidized
from the surface. Although mixtures of hydrogen
and carbon monoxide are reducing and carburizing
agents for iron and iron oxide, the gas becomes
an oxidizing agent as the concentrations of water
and carbon dioxide increase due to synthesis reac-
tions.

Considerable attention has been given to the
role of carbide in the synthesis.’l8 Although this
paper presents no direct evidence concerning “sur-
face” carbide, the presence of magnetite and ap-

(18) S. R. Craxford and E. K. Rideal, J, Chem. Soc., 1604 (1939);

S. Weller, L. J. E. Hofer and R. B. Anderson, J. Am. Chem. Soc., 70,
799 (1948); J. T. Rummer, T. W. DeWitt and P. Il. Emmett, ibid.,
70, 3632 (1948); H. H. Storch, N. Golumbic and R. B. Anderson,
“The Fiseher-Tropsch and Related Syntheses,” John Wiley and Sons,
Inc., New York, N. Y., 1951, p. 571.
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parent absence of carbides near the surface of ac-
tive used iron catalysts does not add support to
the already questionable carbide theory. In most
tests, catalytic activity and selectivity remained
essentially constant over periods in which the sur-
face layers, as well as the bulk of the catalyst, were
converted to magnetite, so that magnetite may be
a principal surface phase in the synthesis. This is
not so with nitrided catalysts, and the activity and
selectivity of such catalysts show marked differ-
ences from those of inducted, reduced, or carbided
catalysts.

The prominence of the electron diffraction pat-
tern of magnesia in fused catalysts containing mag-
nesia indicates the presence of the structural pro-
moter at the surface of the catalysts. Since the
diameters of crystallites required to produce a
satisfactory electron-diffraction pattern must ex-
ceed 30 A., magnesia does not appear to be dis-
persed molecularly in reduced catalysts, but must be
present in moderately large crystallites. Al-
though the crystallites of magnesia are larger than
expected, these results are not necessarily contra-
dictory to the present concept of the role of struc-
tural promoters in fused-magnetite catalysts.3
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